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How to Use These Course Notes 


Welcome to ADV Chemistry at LASA. We are excited to have you! The following 
guidelines will be helpful to you as you use this text. 


This is your textbook for the course. Our practice problems and labs are found in the 
paper workbook, but we will periodically add assignments and content as we need to. 


e We write, edit, and revise this text. We have done our very best to produce a 
high-quality product. However, we are human and there will be errors. |f you find errors, 
please notify your teacher. 


e@ The progression and depth of our lessons is highly subject to change. Please be flexible. 


e Learning objectives are printed at the beginning of that section. Vocabulary is all 
bolded. You are responsible for achieving a 70% or greater mastery of these objectives. 


e Please feel free to give your teacher constructive feedback on this text throughout the 
course. We hope you will enjoy chemistry! 
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Unit 1: Matter and Measurement 


Lab Safety / MSDS and NFPA / “Green” Chemistr 


1.03 Classification of Matter; Solids, Liquids, and Gases / 
Separation of Mixtures Lab 


1.01: First Day Activities 


Learning Objectives: 


e Understand and follow school and class rules and behavioral norms. 


1.02: Lab Safety / SDS and NEPA / “Green” Chemistr 


Learning Objectives: 


e (1.A) Demonstrate safe practices and implement lab safety plans during laboratory 
investigations. 

e (1.B) Know specific hazards of chemical substances such as flammability, corrosiveness, 
and radioactivity as summarized on the Safety Data Sheets (SDS). 

e (1.C) Demonstrate an understanding of the use and conservation of resources and the 
proper disposal of or recycling of materials. 

e (3.B) Communicate and apply scientific information extracted from various sources. 


Lab Safety 


In the laboratory, you will be working with equipment and materials that can cause 
injury, but if you are careful, it can be a safe place to work. Accidents do not just happen; they 
are caused — by carelessness, haste, and disregard of safety rules and practices. By adopting 


these practices, you are respecting your personal safety and the safety of everyone around you. 


In 1971, Congress passed the Occupational Safety and Health Act, which has reduced the 


incidence of workplace accidents significantly. The Occupational Safety and Health 


Administration (OSHA) protects workers in any workplace, including labs, where chemical, 


biological, physical, and radioactive hazards may exist. Therefore, following safety rules is also a 


matter of local, state, and federal law. 


Read these safety rules, learn them, and follow them carefully. If you have any 


questions, ask your teacher before starting lab work. 


General Precautions: 


Pe NS 


007 eG 


16. 
17. 


Familiarize yourself with the lab procedures before beginning the lab. 

Carefully follow all oral and written instructions. 

Never do any unauthorized experiments. 

Notify your teacher of any medical problems, like allergies or asthma, before beginning 
the lab. 

Never eat, drink, or chew gum during lab. 

Remove unnecessary papers, etc. from the lab table. 

Place purses, bags & backpacks out of the aisles. 

Dress appropriately. 

8.1. | Wear goggles and a lab apron. 

8.2. Tie back long hair. 

8.3. | Wear closed-toed shoes. 

8.4. | Choose tops or shirts with tighter sleeves. 

8.5. | Remove dangling jewelry and lanyards. 

8.6. | Avoid wearing contacts on lab days. 

Take the lab seriously. 

Set up the apparatus as described by your teacher. 

If you need to test for odors, use a wafting motion to direct them to your nose. 
Conduct any experiment involving poisonous vapors in the fume hood. 

Dispose of waste materials as instructed by your teacher. 

Follow your teacher’s instructions for lab cleanup. A table should always be left clear 
after a lab. 

Clean up around common lab areas, such as around electronic balances and chemical 
bottles. 

Put your goggles and lab aprons back in their original place. 

Wash your hands with soap and water. 


Handling Chemicals: 


18. 
19. 
20. 
21. 
22. 


Read and double-check chemical labels and NFPA diamonds. 

Take only as much chemical as you need. 

Do not return any unused chemicals to stock bottles. 

Avoid touching chemicals with your hands. Wash your hands immediately if you do. 
When diluting an acid, always add acid to water. (This is known as the “AAA” rule.) 


Handling Glassware and Ceramics: 


23. 
24. 
25. 
26. 
27. 
28. 


Carry glassware away from your body. 

Lubricate glass before inserting it into a holed rubber stopper. 

Use the appropriate equipment to handle hot glass, such as beaker tongs for beakers. 
Place hot glassware or ceramics on wire gauze. 

Allow hot glassware time to cool before touching it. Hot glass looks like cool glass. 
Use a dustpan and brush to collect broken glass. Dispose of it in the broken glass box. 


Using Hot Plates and Bunsen Burners: 


29. 
30. 
31. 
32. 
33. 
34. 
35. 


Keep long electrical cords out of the way, untangled, and on the table. 

When heating a test tube, point the mouth of the test tube away from everyone. 
Keep your face away from open containers that are being heated. 

Heat a substance only when necessary, and for a short period of time. 

Ignite a Bunsen burner only when necessary. 

Pay attention to lit Bunsen burner flames. 

Keep your body, clothing, chemicals, and combustible materials away from lit Bunsen 
burner flames. 


If A Spill, Accident or Emergency Occurs: 


36. 
37. 
38. 


39. 
40. 


Remain calm. 

Notify your teacher immediately. 

Consult the MSDS (Material Safety Data Sheet) for any chemicals you have been in 
contact with. 

Clean and bandage any cuts. 

If chemical gets in your eyes, use the eyewash. Bring a partner with you. 


40.1 Your partner will run the eyewash for a minute or so to ensure clean water. 
40.2 Hold your eyelids open with your thumb and forefinger. 
40.3 Your partner will operate the eyewash and help you hold your face in the 
water. 
40.4 __ Rinse for at least 15 continuous minutes. 
40.5 Rinse from the outside to the inside corners of your eyes. 
40.6 “Roll” your eyes around to ensure good rinsing. 
40.7. Seek medical attention as soon as possible. 
41. Use a Class ABC fire extinguisher for open, CONTAINED fires involving combustibles, oil, 
or electricity. 
41.1 Check the pressure gauge. It should be pointing clearly in the “green” range. 
41.2 Break the seal and pull the pin. The pin is metal or plastic. 
41.3 Stand about 6 feet away from the fire. 
41.4 Aim the fire extinguisher nozzle at the base of the fire. 
41.5 Squeeze the handle to dispense the extinguishing agent. 
41.6 Sweep the extinguishing agent from side to side. 
41.7 If the fire doesn’t extinguish after about 10 seconds of operation, evacuate. 
41.8 Remember PASS: pull the pin, aim, squeeze the handle, sweep. 
41.9 Seek medical attention as soon as possible. 
42. — If you or another person’s clothes catch on fire, use the fire blanket. 
42.1 Turn off or extinguish the fire or move away from it. 
42.2 Unfold the fire blanket and shield yourself or the other person. 
42.3. Wrap yourself or the other person in the fire blanket as tightly as possible. 
42.4 If no fire blanket is available or it is too far away, stop, drop, and roll. 
42.5 Seek medical attention as soon as possible. 
43. If you get a chemical splashed onto your skin, use the safety shower. 
43.1 Remove all contaminated clothing, socks, and shoes. A trusted friend can hold 
up a blanket or coat for modesty. 
43.2 Flush the affected area for at least 15 continuous minutes. 
43.3. Seek medical attention as soon as possible. 


Interpreting SDS and NFPA Information 


Follow these guidelines to interpret SDS and NFPA signage and information. 


Reading and Using SDS, Chemical Labels and NFPA Diamonds: 


1. Consult the SDS (safety data sheets) for the most complete information available on any 
chemical, including: properties, protective equipment needed, first aid measures to take, 
and what to do if it is spilled or released. 

2. Each SDS (safety data sheet) is broken up into approximately 11 parts: 

2.1 PRODUCT IDENTIFICATION 

2.2 HAZARDOUS INGREDIENTS 

2.3 PHYSICAL CHARACTERISTICS 
2.4 FIRE AND EXPLOSION HAZARDS 
2.5 REACTIVITY 

2.6 HEALTH HAZARDS 

2.7 PRECAUTIONS FOR SAFE HANDLING AND USE 
2.8 SPILL OR LEAK PROCEDURE 

2.9 SPECIAL PRECAUTIONS 

2.10 TRANSPORTATION DATA 

2.11 REGULATORY INFORMATION 


3. On an immediate-use chemical label, write your name, the date, the chemical formula, 
and chemical name. 

4. An extended-use chemical label should have the chemical formula, name, and hazard 
information (NFPA diamond). 

5. An NFPA (National Fire Protection Association)’ diamond helps emergency personnel 


determine the risks of a chemical easily by looking at its ratings in four categories: 
Flammability (red, top middle) 

FIRE HAZARD (flash points) —RED: 

4 - Below 73°F 

3 - Below 100°F 

2 - Above 100°F not exceeding 200°F 
1 - Above 200°F 

0 - Will Not Burn 


Health Hazard (blue, left) 
HEALTH HAZARD—BLUE: 
4 - Deadly 

3 - Extreme Danger 


2 - Hazardous 
1 - Slightly Hazardous 
0 - Normal Material 


! “Talk:NFPA 704.” Wikipedia, Wikimedia Foundation, 9 Apr. 2020, en.wikipedia.org/wiki/Talk:NFPA_704. 


Chemical Reactivity (yellow, right) 
REACTIVITY—YELLOW: 

4 - May Detonate 

3 - Shock and Heat May Detonate 
2 - Violent Chemical Change 

1 - Unstable if Heated 

0 - Stable 


Special Hazard (white, bottom) 

SPECIFIC HAZARD—WHITE: 

OX - Oxidizer (burns without an air supply) 

ACID - Strong Acid, also corrosive 

ALK - Alkali (Base), also corrosive 

COR - Corrosive or caustic (burns organic tissue) 

Wf - reacts with water dangerously 

“S - Radioactive 

Each rating is from 0 to 4. 4 denotes the most severe risk in that category. 


6. Never assume that a chemical is inert (unreactive). 
“Green” Chemistry and Conservation of Materials 


You may have heard of the saying, “Reduce, reuse, recycle.” This is an important 
concept in chemistry. You will be handling hazardous chemicals that should not be poured down 
the drain or thrown into the trash bin. “The average American tosses 4.4 pounds of trash every 
single day. It may not seem all that astonishing on the surface, but with 323.7 million people 
living in the United States, that is roughly 728,000 tons of daily garbage — enough to fill 63,000 


garbage trucks.”* 


There are numerous origins of waste in American society today, residential and industrial 
being the largest. Why is waste monitoring so important? Climate change. There has been a 
large push to reduce your carbon footprint with most emphasis on the emission of greenhouse 
gases. Landfill gas (LFG) is a natural byproduct of the decomposition of organic material in 
landfills. “Landfill gas (LFG) is composed of roughly 50 percent methane (the primary 
component of natural gas), 50 percent carbon dioxide (CO,) and a small amount of 


? Land of Waste: American Landfills and Waste Production, Save On Energy, 2018, www.saveonenergy.com/land-of-waste/. 


3 


non-methane organic compounds.” Most people correlate reducing your carbon footprint to 
reducing their carbon emissions (for example reducing carbon dioxide or carbon monoxide), but 
in landfills methane is a more potent greenhouse gas. “Methane is a potent greenhouse gas 28 
to 36 times more effective than CO, at trapping heat in the atmosphere over a 100-year 


period.”4 


Why is this important to you? “The population-heavy states of California and Texas are 
currently facing the greatest problem with landfill-produced methane, but the repercussions of 
this problem could eventually affect the entire world.”2 The bright side is that the methane 
produced by the landfills can be collected and reused. “The Austin Community Landfill collects 
and manages landfill gas through a flare system and it also generates renewable energy, reduces 
emissions, and prevents odor. The system collects landfill gas through 128 wells. The collected 
landfill gas powers a landfill gas-to-energy plant, which converts the landfill gas into enough 
electricity to provide power to 4,000 to 6,000 homes. Unused gas is burned off at a flare.”® 


How can you help reduce your carbon footprint? Reduce, reuse, and recycle the 
materials in your household. “More than 60 million plastic bottles still find their way to landfills 
and incinerators on a daily basis.” “As the use of plastics has increased over the years, they 
have become a larger part of our nation's municipal solid waste (MSW)—growing from less than 
1% in 1960 to more than 13% in 2013.”2 Plastic bags can take up to 10-20 years to decompose 
and plastic water bottles up to 450 years. Styrofoam does not decompose at all. 


The following system can be used to help you determine where and how to recycle your 
plastic containers. There are 7 resin numbers. 


3 “Basic Information about Landfill Gas.” EPA, Environmental Protection Agency, 5 June 2020, 
www.epa.gov/Imop/basic-information-about-landfill-gas. 

“ Pachauri,, R.K., and L.A. Meyer (eds.). “AR5 Synthesis Report: Climate Change 2014.” IPCC, IPCC Contribution of Working 
Groups I, Il and III to the Fifth Assessment Report of the Intergovernmental Panel on Climate Change, 2014, 
www.ipce.ch/report/ar5/syr/. 151 pp. 

> Land of Waste: American Landfills and Waste Production, Save On Energy, 2018, www.saveonenergy.com/land-of-waste/. 

® “Austin Community Landfill 2017 Fact Sheet.” Austin Community Landfill, Waste Management, 2017, 
austincommunitylandfill.wm.com/documents/2017%20Austin%20Community%20Landfill%20Fact%20Sheet.pdf. 

” Franklin, Pat. “Down the Drain.” Down the Drain: Plastic Water Bottles Should No Longer Be a Wasted Resource, Container 
Recycling Institute, 2006, www.container-recycling.org/index.php/issues/.../275-down-the-drain. 

8 “Municipal Solid Waste.” EPA, Environmental Protection Agency, 29 Mar. 2016, 
archive.epa.gov/epawaste/nonhaz/municipal/web/html/. 


@® Understanding Plastic GY 


td Recycling Symbols td 


Action Environmental customers can recycle all plastic items numbered 1-7 via our curbside recycling program. 
if a plastic item is deemed unrecyclable (typically plastics 3 and 6), Action Environmental will dispose of it properly. 


soe | meee 


* Soft drink bottles * Peanut butter jars 
Polyethylene |+ water bottles * Pickle jars 
Terephthalate |+ Sports drink bottles —* Jelly jars 

(PETE or PET) |* Seled dressing bottles * Prepared food trays 
* Vegetable oil bottles + * Mouthwash bottles 


* Milk jugs * Shampoo bottles 

High-density |. juice bottles * Motor oil bottles 

Polyethylene + Yogurt tubs * Bleach/detergent bottles 
(HDPE) * Butter tubs * Household cleaner bottles 

* Cereal box liners * Grocery bags \. 


* Clear food packaging * Fencing 
Polyvinyl — |, Wire/eable insulation * Window frames 
Chloride —_|« Pipes/fittings * Shower curtains 

(PVCorV) + Siding * Lawn chairs 

* Flooring * Children's toys 


* Dry cleaning bags * Dispensing bottles 
Low-density (+ Bread bags * 6 pack rings 
Polyethylene |* Frozen rae * Various molded laboratory 
LOPE * Squeeza us equipment 
( ) * Wash bottles 
_ 


* Ketchup bottles * Dishware 
* Most yogurt tubs * Medicine bottles 


* Syrup bottles * Some auto parts 
* Bottle caps * Pails 
* Straws * Packing tape fC} 


* Disposable plates * Carry out containers 

* Disposable cutlery —* Aspirin bottles 

* Cafeteria trays * CD/video cases 

* Meat trays * Packaging peanuts 

* Egg cartons * Other Styrofoam products 


* 3/5 gallon water jugs * Gas containers 

* Citrus juice bottles * Bullet proof materials 

Other Plastics |, piastic iumber * Acrylic, nylon, polycarbonate 
(OTHER of O) | + Headtight lenses * Polylactic ackd (# bloplastic) ' 
* Safety glasses * Combinations of different plastics 


Is it hazardous? Read the label. If a product is labeled as flammable/combustible, 
explosive/reactive, corrosive/caustic, toxic/poisonous, or radioactive it should not be disposed 
of down the sink or in the garbage. In Austin, you can go to the Recycle & Reuse Drop Off 
Center located at 2514 Business Center Drive Austin, TX 78744. You may contact this center at 
512-974-4343. It is free to drop-off eligible items if you live in Austin/Travis County; residents 
may drop-off up to 30 gallons annually. Businesses are not permitted to drop off hazardous 
waste at this location and must call 512-974-4335. Safety guidelines when dropping off waste 


° Shormis, Nicolina. “What Do Plastic Recycling Symbols Mean?” Interstate Waste Services, Action Environmental Group, 24 Feb. 
2016, interstatewaste.com/blog/the-numbers-on-plastic-bottles-what-do-plastic-recycling-symbols-mean/. 


are as follows: products must be in original containers (do not mix), bring items in 5-gallon (or 
smaller) containers, put small containers up-right in sturdy boxes, if something is leaking, put it 
in a container and absorb the material with clean cat litter. 


Before going to the center, check to see if the item you are trying to recycle or dispose of 
is on the list at: https://bit.ly/3dAKDYF. If you have radioactive material that needs disposal, 
you should contact the Radioactive Materials Division of the Texas Commission on 
Environmental Quality (TCEQ) at 512-239-6466. Radioactive materials must be handled by 
licensed employees and disposed of by a licensed facility. 


The City of Austin’s Vision is to be the National Zero Waste leader in the transformation 
from traditional integrated waste collection to sustainable resource recovery. Their Mission is to 
achieve Zero Waste by providing excellent customer services that promote waste reduction, 
increase resource recovery, and support the City of Austin’s sustainability efforts. 


1.03: Classification of Matter / Solids, Liquids, and Gases / Separation of Mixtures Lab 


Learning Objectives: 


e@ (2.C) know that scientific theories are based on natural and physical phenomena and are 
capable of being tested by multiple independent researchers. Unlike hypotheses, 
scientific theories are well established and highly reliable explanations, but may be 
subject to change as new areas of science and new technologies are developed. 

e@ (3.B) Communicate and apply scientific information extracted from various sources. 

e@ (4.C) Compare solids, liquids, gases in terms of compressibility, structure, shape, and 
volume. 

e (4.D) Classify matter as pure substances or mixtures through investigation of their 
properties. 


Classification of Matter 


Scientists classify everything, and for matter, that classification system depends on three 
factors: the separation method, the composition (constant or variable) and the type of 
particle(s) present in the sample. Matter is anything that has a mass and a volume. Matter has 
a constant composition, or a variable composition. 


Matter of constant composition is a pure substance. This means that regardless of the 
origin or dimensions of the substance (its mass, volume, etc.) every sample taken from the 
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substance has the same composition. Sodium metal is a pure substance because every sample 
of sodium metal consists of 100% sodium. Sodium chloride is a pure substance because every 
sample of sodium chloride consists of 100% sodium chloride. 


Having a constant composition means it contains only one type of particle: one type of 
atom, or one type of formula unit or molecule. A “particle” consisting of one atom is 


monatomic (i.e. O ). A “particle” consisting of two or more ions or atoms chemically bonded 


together is a formula unit or a molecule (i.e., CO or @). (Formula units contain metal and 
nonmetal; molecules consist of only nonmetals.) If a molecule contains two atoms from the 
same element, it is diatomic. However, formula units and molecules are very diverse. A 
molecule can have two or more atoms that are from the same element, or two or more atoms 
from different elements. A formula unit can have two or more ions from different elements. 
Within the same pure substance sample, all particles will be identical to each other. Another 
way to say that is that all pure substances are homogeneous. To your eye, a pure substance 
sample would look all blue, or all yellow, or all clear. 

In particle diagrams, such as the ones below, different shapes and/or colors represent 
different elements. 


e® @ . i a 7° 
ee, % o° 
e eo &|# é 


A gaseous monatomic element A gaseous diatomic element A gaseous compound sample 


sample sample (containing 6 formula units or 6 
(containing 8 atoms) (containing 5 diatomic molecules) 
molecules) 
Example: Na () Example: O, jg) Example: Na,O (,) 


Within the realm of pure substances, we have two subcategories: elements and 
compounds. An element is a pure substance that contains only one type of atom or one type of 
molecule. A sample of gold is a pure substance containing one type of atom: gold atoms. A 
sample of oxygen is a pure substance containing one type of molecule: oxygen molecules. An 
oxygen molecule only contains oxygen atoms. An element cannot be chemically or physically 
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separated. We can represent something as an element in pictures, but it’s more common for 
chemists to use the chemical symbol to represent an element, for example: Au for gold, or Ne 
for neon. Many chemical symbols contain several letters, the first being capitalized and the 
second being lowercase. You must become familiar with the periodic table of the elements 
because it contains all the elemental symbols. One unique symbol represents an element 
consisting either of atoms or diatomic molecules. Ne (,) is a gaseous monatomic element. H, () 
is a gaseous diatomic element. 


A compound is a pure substance that contains only one type of molecule, but the 
molecule consists of two or more different types of atoms from different elements. Water is a 
compound whose molecules only contain hydrogen and oxygen in a fixed ratio: two hydrogen 
atoms to one oxygen atom. A sample of pure water contains only water molecules. To separate 
the atoms from each other in a sample of water, you’d need to break the chemical bonds 
holding each molecule together. A chemical formula is used to represent an element or a 
compound; for example, sodium chloride, NaCl, or ammonium nitrate, NH,NO3. Ammonium 
nitrate contains three different elements: N (nitrogen), H (hydrogen) and O (oxygen), and in one 
molecule of ammonium nitrate you find two N atoms, four H atoms, and 3 oxygen atoms. 


A combination of elemental symbols always denotes a compound. Subscripts represent 
the number of that type of atom represented in the particle, and subscript letters in ( ) 
represent the state of matter of that substance. No subscript means 1. For instance, Na3N (,) is 
a compound, because it contains two different elements (Na and N), and in one formula unit of 
Na3N you will find 3 atoms of Na chemically bonded with one atom of N. The ,, means that 
Na,N is a solid. .) is liquid, (,) is gaseous, and ,,,) is “mixed with water”. (,), (, ¢g) AN (aq) all indicate 
the state of matter of that substance; another term for them is that they are state signifiers. 
States of matter can be displayed as in the particle diagrams on the next page. 
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A solid (iron, Fe ,,)) A liquid (water, H,O) A gas (oxygen, O,) 


The particles of a solid are tightly packed. Solids have a definite shape and volume. The 
forces between these particles (“intermolecular forces”, or “interparticle forces”) are extremely 
strong. The particles are in a regular repeating pattern, with very little space in between. Solids 
are not compressible because lack of space prevents particles from moving closer to each other. 
The particles of a liquid have more freedom to move and flow because interparticle forces are 
weaker. Liquids take the shape of their container (an “indefinite shape”) but their volume is still 
definite; the volume is not always the same as the container. While there are larger spaces 
between particles, there still isn’t enough space for the liquid to be compressed. 


The properties of gases have been modeled through experimentation and can be 
explained using the kinetic molecular theory (KMT). KMT has four (4) postulates: (1) The forces 
between gas particles are very weak and the particles of a gas are so small compared with the 
distances between them that the volume of the individual particles can be assumed to be zero; 
therefore, the shape and volume of a gas are entirely determined by their container. This 
explains why gas are compressible (can be moved from a container with a larger volume to a 
container with a smaller volume without changing the amount of gas particles present). 
Companies transport gases over large distances by compressing them into liquids first. (2) Gas 
particles are in constant motion, and their collisions with the container are the cause of the 
pressure exerted by the gas. Gas particles are spread far apart and move very rapidly. (3) Gas 
particles are assumed to exert no forces on each other, the particles do not repel or attract to 
one another. (4) The average kinetic energy of a sample of gas particles is directly proportional 
to the Kelvin temperature of the gas. 
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Anything that is (.) (), Or ig) is a pure substance. Anything that is (,,) is a mixture of that 
substance with water. Here is an example: Ca(OH), ,, is a solid compound containing three 
different elements. One formula unit of Ca(OH), ;,.. contains one Ca atom, two O atoms, and two 
H atoms. (That , distributes across the parentheses, just like in math.) Ca(OH), ,, is a pure 
substance, but Ca(OH), (aq) is a mixture of that substance in water. 


Ca(OH), |.) pure substance Ca(OH), (aq) Mixture 
(containing 3 formula units) 


Matter that consists of two or more types of particles physically mixed together is a 
mixture. Mixtures have a variable composition. For example, you can have a 50% salt-water 
mixture, or a 5% salt-water mixture - the components of a mixture are always the same, but the 
proportions may be different. A mixture can have different types of atoms, different types of 
molecules/ions, or different types of atoms and molecules/ions. For instance, sand (SiO, ,)) and 
water (H,O .)) form a mixture. That mixture contains SiO, |, molecules mixing with H,O (, 
molecules in the same container. Mixtures are separated into their components by physical 
changes. 


A heterogeneous mixture is a mixture that isn’t uniform. Oil in water is a 
heterogeneous mixture that has a layer of oil at the top and water below. Heterogeneous 
mixtures have layers because different components of the mixture have different densities, or 
they are insoluble (do not dissolve) in each other. A suspension is a heterogeneous mixture 
that contains particles mixing when you stir or shake it, but the particles eventually settle at the 
bottom. 


A homogeneous mixture, or solution, is uniform, or well-mixed. It still has a variable 
composition, but everything is well mixed if you don’t add or take away any component. If you 
were to take many random samples of the same solution (like soda) the percentage of each 
component in each sample would be the same. Salt water is a homogeneous mixture. (Both 
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pure substances and mixtures can be homogeneous!) If everything dissolves in a water mixture, 
it is an aqueous solution and has the state ,,,), Solutions can be solid, liquid, or gaseous. A solid 
solution of metals is an alloy. A colloid has particles large enough that they stay “hanging” in 
the solution (i.e., fog, hand lotion, dust in air). 


Here are some particle diagrams showing examples of different mixtures. 


eo ° . + oe 
ook ° i Smee | ned ; 
0 Mayes ye 


A gaseous solution of a A liquid suspension of a A gaseous solution of two 
monatomic and a diatomic diatomic element anda compounds 
element compound 
Example: Ne (and O; () Example: Br, and CH, Example: CO,,,,and NO 4) 


Classifying Mixtures 


By particle size and ability to scatter light — solution, colloid or suspension 


Solutions, colloids, and suspensions can be distinguished from each other by passing a 
bright light (like a flashlight) through a sample. Depending on the size of the solute particle, 
light may either pass through the sample straight through or will be scattered by larger solute 
particles. This effect is called the Tyndall effect. 


Solutions are homogeneous mixtures with dissolved particles that measure less than 1 
nm in diameter. A solution cannot be filtered to separate the dissolved particles from the 
particles used to do the dissolving. You must use distillation to separate the parts. The particles 
are invisible to your eye. The particles will not scatter light; they do not show the Tyndall effect. 
Solutions appear transparent. Tap water and clear drinks are all solutions. 


Colloids are heterogeneous mixtures with solute particles measuring between 1— 1000 
nm in diameter. Solute cannot be seen with the naked eye and pass-through filter paper but 
could be blocked by other kinds of paper. Colloids appear cloudy but uniform and 
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homogeneous. The particles will scatter light; they show the Tyndall effect. The solute particles 
do not settle to the bottom. Colloids can appear translucent, murky, or opaque. Emulsions are 
a class of colloid. Emulsions consist of a liquid mixed in either a different liquid or a solid. 
Stable emulsions need an emulsifying agent. Oil emulsified in vinegar needs egg yolk as an 
emulsifying agent to create mayonnaise, a common example of an emulsion colloid. 


Suspensions are heterogeneous mixtures with solute particles measuring larger than 
1000 nm in diameter. They appear cloudy and heterogeneous. The solute particles are large 
enough to be filtered. Eventually, the solute particles may settle to the bottom of their 
container. If the particles have been shaken/stirred and are suspended in the mixture; they will 
scatter light. If the particles have settled and are settled at the bottom of their container; they 
will not scatter light. Therefore, the Tyndall effects are variable. Oil mixed in water and milk of 
magnesia are common examples. 


By particle size and experimental procedure — homogeneous or heterogeneous 

There are no chemical bonds holding the different types of particles together in a 
mixture, so they can be physically separated into their components. A mixture of sand and 
water contains sand molecules and water molecules, so the molecules can be separated from 


each other by experimenting with physical changes. 


e Filtration’®: pouring (decanting) through filter paper and funnel, a sieve, etc.. 


1° Pixabay License, Free for Commercial Use, No Attribution Required 
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e Evaporation or boiling’: heating on a hot plate. 


@ Distillation’?: boiling in a closed container and cooling to collect liquids at different 


boiling points. 


thennamete 


distillation: thick 


receiving flask 


distilled water 


‘1 Evaporation Expert, CC BY-SA 4.0 <https://creativecommons.org/licenses/by-sa/4.0>, via Wikimedia Commons 
 Siyavula Education. “Distillation Using Liebig condenser_set up.” Flickr, Yahoo!, 2 Apr. 2014, 
www.flickr.com/photos/121935927 @N06/13579613295. Licensed under CC BY 2.0: 


https://creativecommons.org/licenses/by/2.0/legalcode. 
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@ Chromatography’: where different components of a liquid or aqueous solution move 
through a solid or liquid medium at different rates. 
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e Centrifuge”: spinning the fluid at high speed within a container, separating liquids of 
different densities or liquids from solids. 


Each part of a mixture retains its individual physical and chemical properties before and after 
separation or mixing; for example, solid sugar tastes sweet, and so does a sugar-water mixture. 


3 Knott, Theresa. “File: Chromatography tank.png.” 
https://commons.wikimedia.org/wiki/File:Chromatography tank.ong. Licensed under CC BY-SA 2.0: 


https://creativecommons.org/licenses/by-sa/3.0/legalcode 
"4 Dixabay License, Free for Commercial Use, No Attribution Required 
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1.04: Physical and Chemical Properties and Changes; Phase Changes and Diagrams 


Learning Objectives: 
e (3.B) Communicate and apply scientific information extracted from various sources. 
e (4.A) Differentiate between physical and chemical changes and properties. 
e (4.B) Identify extensive properties such as mass and volume and intensive properties 
such as density and melting point 


Properties of Matter 


Properties are characteristics of pure substances. Properties of matter fit into two 
categories: physical and chemical. Scientists observe physical properties without changing 
chemical bonds; for example: color, texture, or hardness. We split physical properties into two 
groups: intensive and extensive properties. 


Intensive physical properties are properties that do NOT depend on the amount of 
matter that is present. For instance, an ice cube and a glacier can have the same temperature; 
thus, temperature is an intensive property. Often (though not always!) intensive properties can 
be used to identify the substance, because it is unique to that substance. Pure water always has 
a melting point and freezing point of O°C and a molar mass of 18.015 g/mol. Most physical 
properties are intensive. Here are some other examples of intensive properties. If it has a unit, 
it is given in parentheses after the name of the property. 


Examples of Intensive Physical Properties 


Color, odor, texture, 
melting/boiling/freezing point 


State of matter i.e. solid, liquid, gas, aqueous 

Luster or lustrousness how shiny a substance is 

Malleability ability of a substance to be beaten into thin sheets 
Ductility ability of a substance to be drawn into thin wire 
Conductivity (S/m) ability of a substance to permit flow of thermal energy 


(heat) or electricity 
Temperature (°C or K) average kinetic energy of a sample 
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pH measure of hydrogen ion concentration 

Specific heat (J/g*°C) heat required to raise the temperature of 1 g of substance 
by 1°C 

Molar mass (g/mol) the mass of one mole of a pure substance 


Molarity or concentration (mol/L) the number of particles per liter in an aqueous solution 
Density (g/mL or g/cm?) The mass of a pure substance per mL or per cm? 


Specific gravity density of a pure substance compared to density of water 


Extensive physical properties depend on how much matter is actually present in the 
sample. Any property whose value changes with changes in the mass, volume, length, or the 
number of particles is extensive. (Note: A property that is defined by a ratio, where two or 
more of these quantities are being compared, is intensive, since those ratios do not change with 
how much matter is present. Density is intensive, but mass and volume are extensive.) 


Examples of Extensive Physical Properties 


Mass (g) the amount of matter in a sample 

Weight (Ib) the gravitational force of attraction of the earth acting on a 
sample 

Volume (L) amount of space occupied by a sample 

Length (m) the extent of matter along its greatest dimension 


Number of moles (mol or moles) | the number of particles (atoms, ions, formula units or 
molecules) ina sample 


Chemical properties are observed when a substance interacts with another substance; 
or, when chemical bonds break and/or form (or both). Compounds are the only class of matter 
that can be separated into elements by chemical changes. Molecules separate into individual 
atoms and formula units separate into individual ions by breaking chemical bonds, and those 
atoms or ions react together to form different molecules or formula units by forming new 
chemical bonds. The properties of the original matter are different before and after the 
chemical change because brand-new substances are now present. 
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Here is an example of how properties can change while chemical bonds break and form: 


po tron Fey | Oxygen, On Iron (Ill) oxide, FeO 


Appearance Shiny, grey metal; Clear, colorless, odorless | Dull, orange-red solid; 
lustrous, conductive, gas not lustrous, conductive, 
malleable, ductile malleable or ductile 


Melting point (°C) 1538 -218.8 1565 


55.845 31.998 159.69 
(g/mol) 


Not magnetic Not magnetic 


Here are particle diagrams that show what has happened in the chemical change 


Iron, Fe () Oxygen, O) (g) Iron (III) oxide, Fe,03 ,) 


described above. 


The following chart summarizes examples of chemical properties. 


Chemical Property Examples of Chemical Change 
Ability to react, or not react Sodium reacts with water; noble gases are inert 


Ability to oxidize/corrode (tarnish, rust, | Milk decomposes; silver tarnishes, gold does not 
decompose), or not rust 


Ability to burn (ex. Wood is combustible; oxygen is flammable 
combust/flammable) or not (ignites easily) 
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Changes in Matter 


Like properties of matter, changes of matter can be categorized into physical and/or 
chemical changes. A physical change in a substance does not involve a change to the identity of 


the substance. Be careful - for example, heating a piece of wood is not burning it! 


Examples of physical changes 
Cutting a sample into smaller pieces 


Cooling hot soup 
Bending a metal wire 


Vue ds . * 


A solid (iron, Fe (,)) A liquid (water, H,O) A gas (oxygen, O,) 


To understand what’s going on exactly during changes of phase, remember what we 
know about the phases themselves (from 1.03): solids, liquids, and gases, as seen in the particle 
diagrams above. 
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Changes of phase are all physical changes. The atoms or molecules are not forming new atoms 
or molecules with different chemical bonds. On the right is a graphic that shows you all these 
changes:"® 


Enthalpy of the system refers to the sum of the a | Plasma 


xy 
system’s internal energy and the product of its pressure and => a“ 
, LC : * Sos 
volume. Therefore, as you travel up the diagram from the i 
j F Gas 
solid phase to the plasma phase the enthalpy increases. Cy, 
DA nme’ 
| we S> a 
s/s “SY 
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The following particle diagrams depict the same substance in different phases. (Note: 
There is a better representation of water in its three phases at bit.ly/waterhtml.) 


> Pp 


ran |e |. 


Ice (solid water) Liquid water Water vapor (gaseous) 


It is also possible to represent a change of phase using the terminology of chemical 
equations. For instance, H,O |. — H,O ,) represents the melting of ice into liquid water. On the 
other hand, H,O ,) — Hj ig) + O; () is not a phase change; it is a chemical change involving the 
breaking of chemical bonds in water to form two new products, hydrogen gas and oxygen gas. 
(Note: We are not going to worry about balancing any equations — yet.) 


15 “File: Phase_change_-_en.svg.” https://commons.wikimedia.org/wiki/File:Phase_ change - en.svg. Wikimedia 
Commons. Public domain. 


Enthalpy of system 
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Here are some interesting facts about phase changes. Boiling occurs at the boiling point, 
which is the temperature when the vapor above the liquid has the same pressure as the 
atmosphere’s. rapid vaporization occurs during boiling, but a vaporizing liquid is not necessarily 
boiling. When you leave out a cup full of water at room temperature (25° C or 298 K), the 
water vaporizes; that water does not boil. You don’t observe deposition or sublimation often 
“in real life” because our atmospheric pressure is either too low or too high. (Older family 
members might remember how solid mothballs “disappear”— that’s sublimation.) 


To make a solid melt into a liquid and to make that liquid vaporize into a gas, energy has 
to be absorbed. When a solid (or anything) warms, that applied energy is used to make the 
particles move faster - i.e., increasing kinetic energy. That makes the temperature increase. 
When the solid has reached its melting point, additional absorbed energy breaks forces of 
attraction between the particles, increasing the potential energy. 


After the solid has finished melting, the liquid will absorb more energy in the form of 
kinetic energy, causing the liquid particles to move further away from each other. The chemical 


bonds that hold a particle together do NOT break during any of these changes. Solid U liquid U0 


gas phase changes always involve the absorption of energy, whether that is kinetic or potential. 


Absorption of Absorption of Absorption of 
energy; energy; energy; 
temperature temperature tempeature 


in@reases | incregses 
Absorption of 
energy; potential 


Absorption of 
energy _ y yy 
increases; \ ai 
striate . ai. 


change 


de ek ded > w 
vow ewe > ha b> eT | 2 


energy; potential 
energy 
increases; 


Ice (solid water) Liquid water Water vapor (gaseous) 
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Gas - liquid - solid phase changes always involve release of energy. When gases, liquids, 
or solids cool, their kinetic energy decreases, because that energy is released out of the sample. 
The temperature of the sample will decrease during cooling. During the phase change itself, 
forces of attraction between the particles must increase to pull them in closer to each other, 
decreasing the potential energy. 


A chemical change occurs when one or more substances are converted into one or more 
different substances, in other words, when chemical bonds break and/or form (or both). For 
example, the observed change is due to bonds breaking and forming, like bubbles forming in 
the reaction of baking soda and vinegar, not bubbles forming due to a change in state of matter 


like water boiling (liquid phase to the gaseous phase). 


Examples of chemical changes 


Explosions or combustion (burning) Suntanning (on your skin) 
Rusting or tarnishing 


Another way to tell the difference is to recognize signs of a chemical change: 


production bubbling as sodium reacts with water) 
sticks (chemiluminescence)) 


change and/or forming (i.e. vinegar and baking soda) 
Silent - smell a dramatic odor change (i.e. sudden sweet or bitter smell) 
production 
formation solid). 


Phase Diagrams 


A phase diagram illustrates the combinations of pressure and temperature that will 
result in a pure substance being a solid, a liquid, or a gas (vapor). Pressure, which is defined as 
the force on an object per unit area, is usually given the unit “atm” on a phase diagram. It is the 
pressure of the environment around and on the pure substance. Pressure does affect phase 
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change. For example, ice skaters exert a tremendous amount of pressure on their skate blades 
(large force on a small area), causing the ice to melt — a little - directly under the blades. That is 
what allows a skater to glide across the ice. Temperature, of course, has already been 
explained. 


The lines on the graph are the set of all points where a phase change is occurring. When 
a phase change is occurring, both phases are present at the same time “in equilibrium”; for 
instance, while water is vaporizing, both the liquid and vapor phases of water are present. 
Liquid is turning to vapor and vapor is also turning to liquid, with both processes occurring at 
the same rate. That stops when all the liquid is gone. Here is an example of a phase diagram. 


Equillsrum if Eauilibrium 


CRITIC Al 


melting Hq POINT 


voportgeton 


sublimation —— gas 
deposition TRIPLE POINT 


T (c) 


Here are some interesting points related to phase diagrams: the triple point is a specific 
pressure/temperature point at which all three phases of the pure substance are present and in 
equilibrium at the same time, and the critical point is the pressure/temperature point at which 
both the liquid and vapor phases are indistinguishable. (In other words, there are 
pressure/temperature ranges where the liquid and vapor phases exist together and can’t be 
separated.) 
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1.05: The SI Measurement System and Scientific Notation 


Learning Objectives: 


@ (2.G) Record and manipulate chemical quantities using scientific conventions and 
mathematical procedures: including dimensional analysis, scientific notation, and 
significant figures. 

e (2.G) Convert measurements between scientific and ordinary notation. 


SI Prefixes and Units 


Units are specific quantities (amounts) used for measurement. You could get a stick and 
measure the length of a table in terms of “stick” units. But, if each of us grabs a stick from 
outside, each stick is likely to be a different length, so we use standard units instead. For 
example, a meter stick is a standard unit of about three feet and three inches, and every meter 
stick is the same length. If we all measure the same table with meter sticks, we will all end up 
recording our answers with the same number of meter sticks in length. 


Scientists use the Systeme International (SI) and any unit in this system is an SI unit. The 
meter and other metric units, based on the number 10, are one small part of SI. Many 
Americans remain unfamiliar with the metric system because we are one of only a small handful 
of countries that still use the British/ Imperial units of measurement on a daily basis. Some 
examples of metric units are liters (L), meters (m), centimeters (cm) and millimeters (mm). 
Some examples of British/ Imperial units are gallons (gal), pounds (Ibs.), inches (in) and feet (ft). 


Before we go on, please note that any measurement consists of a number and a unit. It 
is incorrect to record a measurement without a unit. 


SI Base Units used in Chemistry 


Quantity Unit Symbol Definition 
Length meter m The path traveled by light in vacuum during a time 


interval of 1/299792458 s. The speed of light is 
99792458 m/s 


Mass kilogram kg Defined by the meter (above) and the second (below), 
where the Planck constant is 6.62607015 x 10°“ kg-m?-s”* 


af 


Time second S 9192631770 periods of radiation due to the transition 
between the two hyperfine levels of the ground state of 
cesium-133 

Temperature Kelvin K Defined by the meter, kilogram, and second (above), 


where the Boltzmann constant is 
1.380649 x 107? kg: m?-s*-K* 


# Particles mole mol The number of particles that equals the Avogadro number, 
6.02214076 x 10” particles 


The above SI units are “base” units and other units can be “derived” from them. 
Examples include m? (area), m? (volume) and kg/m? (density). Area is “derived” from 
multiplying length (m) times width (m), for example. Note that, in chemistry, we deal with very 
small quantities, so the derived units we use seem slightly different even though they are still SI 
units. For example, the density of a small object is more useful when expressed in g/cm®. It is 
also more common (in North America), to use liters (L) to express the volume of a liquid, even 
though liters are used to express the capacity of a container to hold it. 


The definitions of each of the SI base units listed above are defined by the General 
Conference on Weights and Measures. All of them are defined by fundamental constants of the 
universe. More conventionally, mass is the amount of matter contained in a sample; volume is 
the amount of space a sample occupies, temperature is a measure of average kinetic energy of 
the molecules in matter, and density is the ratio of mass to volume. But, as you can see, these 
four definitions are completely dependent on physical objects, not immutable universal 
quantities. 


For your interest, here are some common conversions between SI and Imperial units. 


Length SI Unit: meter (m) Volume SI Unit: cubic meter (m:) 
1 meter = 1.0936 yards 1 liter = 10° m? 
1centimeter = 0.39370 inch = 1 dm? 
Linch = 2.54 centimeters = 1.0567 quarts 
1 Kilometer = 0.62137 mile 1 gallon = 4 quarts 
1 mile = 5280 feet = 8 pints 

= 1.6093 kilometers = 3.7854 liters 


langstrom = 10°*° meter 1 quart = 32 fluid ounces 
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Mass SI Unit: Kilogram (Kg) 
1 Kilogram = 1000 grams = 2.2046 pounds 
1 pound = 453.59 grams = 0.45359 Kilogram 
= 16 ounces 
1ton = 2000 pounds = 907.185 Kilograms 
1metricton = 1000 Kilograms = 2204.6 pounds 
1 amu = 1.66056 x 10”’ Kilograms 
Temperature SI Unit: Kelvin (K) Pressure SI Unit: pascal (Pa) 
OK = -273.15°C 1 pascal = 1 N/m? = 1 Kg 
K = °C + 273.15 1 atmosphere = 101.325 kPa 
°C = 5/9(°F — 32) = 760 torr (mmHg) 
4 = 9/5(°C) + 32 = 14.70 psi 
1 bar = 105 pascals 


For your reference, the following is a table that describes all the SI prefixes used before 
the term for any SI base unit (such as: L, g, mol, second, etc). These are the metric prefixes that 
we expect you to memorize. All the examples use meter as the SI base, but would equally apply 
to L, g, mol, seconds, etc. 


1/1000000 of the SI base unit 1m = 10° m; 1m =10% pm 
1/1000000000 of the SI base unit 1nm=10°m; 1m=109nm 
1/1000000000000 of the SI base unit | 1 pm=10"2m;1m=10" pm 


Scientific Notation 


The numbers that we deal with in chemistry are often very large or very small. 
Consequently, these numbers are expressed in scientific notation, using exponential numbers. 
1.00 x 10° m” is a measurement in scientific notation; its corresponding ordinary notation 
value is 0.001 m. Before we go on, here’s a review of exponents: 


When n is a positive integer, the expression 10" means “multiply 10 by itself n times”. Thus, 


10* = 10 10° = 10 x 10 = 100 10° = 10 x 10 x 10 = 1000 
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When n is a negative integer, the expression 10° means “multiply 1/10 by itself n times”. Thus, 


10*=0.1 10° =0.1 x 0.1 =0.01 10° =0.1 x 0.1 x 0.1 = 0.001 
Examples: 2x10'=2x10=20 5.30 x 107 = 5.30 x 0.1 = 0.530 
2.62 x 10° = 2.62 x 100 = 262 8.1 x 10° = 8.1 x 0.01 = 0.081 


In scientific notation, all numbers are expressed as the product of a significand (a 
negative or positive number between 1 and 10) and a whole number power of 10. To express a 
number in scientific notation, do the following: 


Rewrite the numerical quantity so that it lies between the numbers 1 and 10. 

Count the places that the decimal point was moved to obtain this number. 

If the decimal point has to be moved to the left, n is a positive integer; if the decimal 
point has to be moved to the right, n is a negative integer. 


Examples: 8162 requires the decimal to be moved 3 places to the left = 8.162 x 10° 
0.054 requires the decimal to be moved 2 places to the right = 5.4 x 10° 


A major advantage of scientific notation is that it simplifies the process of multiplication 
and division. When numbers are multiplied, exponents are added; when numbers are divided, 
exponents are subtracted. 


Examples: (3 x 10°) (2 x 10’) = (3 x 2) (10**’) = 6 x 10° 
(3.0 x 10°) / (2.0 x 102) = (3.0 / 2.0) (10*2) = 1.5 x 10? 


1.06: Errors and Significant Figures/Accuracy and Precision of Glassware Lab 
Learning Objectives: 
(2.F) define and distinguish between accuracy and precision 
(2.G) express and manipulate chemical quantities using scientific conventions and 


mathematical procedures 
e (3.B) communicate and apply scientific information extracted from various sources 
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Accuracy and Precision 


Scientists want to obtain accurate data and observations. In fields like medicine and 
engineering, inaccurate measurements can lead to disastrous, even fatal consequences. 
Accuracy is the degree of closeness of a measurement to the actual (true) value. The closer you 
are to that true value, the more accurate the measurement. Ideally, your value and the true 
value are the same. If they are not, we need to measure the degree of error reflected in your 
value. An error usually means that adjustments need to be made in instrumentation or in your 
procedure to decrease future errors. 


In science, we must repeat measurements. Ideally, each repeated measurement will be 
identical to the others. Precision, also called reproducibility or repeatability, is the degree to 
which repeated measurements under unchanged conditions show the same results. Laboratory 
glassware has varying levels of precision; if the glassware is slim and has many markings, like a 
graduated cylinder, it has a high degree of precision. It has a very good chance of measuring a 
number of decimal places (say) 50.00 mL of liquid several times with each measurement coming 
close to 50.00 mL. The markings are placed there by the manufacturing company and can be 
trusted to be accurate within the “guessed” decimal place. 


Getting an accurate measurement does, of course, depend on the skill of the lab worker 
in taking those measurements. A beaker has a lower level of precision than a graduated 
cylinder because it has many fewer markings/decimal places and is always wider. Measuring 50 
mL of water in a beaker has a much lower level of precision, since you have many fewer 
markings/decimals to go by. This is why you should never use a beaker to measure volumes! 


Errors in the Laboratory, Percent Error and Significant Figures 


Systematic, or determinate error, has a definite direction and magnitude and has an 
assignable cause. Systematic error can (theoretically) be eliminated - usually by repeating the 
trial in question, while paying special attention to the procedure. Random, or indeterminate 
error, arises from statistical uncertainties in a measurement or from errors that are out of your 
direct control. Random error can be minimized but cannot be eliminated. Note: Things like 
“writing the mass down wrong” or “punching the wrong buttons on the calculator” are not 
scientific errors. Of course, they are mistakes, but they are due to carelessness, not due to 
faulty performance of the procedure. It is assumed that the experimenter is doing the lab 
carefully. Never cite “human error” as an error! 
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To determine the amount of error (systematic or random), we use a calculation called 
percent error. It expresses as a percentage the difference between an approximate, 
experimental, or measured value and an exact, actual, true or known value. Usually, percent 
error is expressed as an absolute. 


When representing your final answer for % error, use the least number of decimal 
places as are shown in the data. For example, if your true value is 
25.0 g and your experimental value is 27.65 g, your final % error value will have one decimal 
place, since the true value had the least number of decimal places (one). 


percent error = (true value - experimental value) x 100% 


true value 


Always, always, always show the substitution of the values into the equation on your 
paper before stating the final answer. Always, always, always place the correct unit after your 
answer. (Note: in your course notes, we sometimes provide the answers, so you can check your 
own work.) 


A recorded measurement should reflect the uncertainty of that measurement. One way 
to do that is to attach it to the recorded number with a + sign. For example, if a bathroom scale 
weighs correctly to within one pound, and a person weighs 145 Ibs, then the recorded weight 
should be 145 + 1 lbs. The last digit, 5, is the uncertain digit. 


Another way to indicate uncertainty is the use of significant figures. The number of 
significant figures in a quantity is the number of digits that are known accurately plus the 
uncertain digit (the last number, on the right in the measurement). Significant in this context 
means “known”, not “important”. Significant figures in a measurement apply to measurements 
or calculations from measurements and do not apply to exact / counting numbers. They are 
independent of the location of the decimal point. For example, a balance can weigh to + 0.01 
g. Asample weighs 54.69 g. The uncertain digit is 9. The number of significant figures in that 
measurement is 4 and reflects the precision of that instrument. 


When an answer given has more numbers than are significant, then the last number 
must be rounded off. If the first digit to be dropped is <5, leave the doubtful digit before it 
unchanged. If the first digit to be dropped is >5, then you round upward by adding a unit to the 
doubtful digit left behind. For example, if a student using the balance above (+ 0.01 g 
precision) sees 4.688 g, the correct value will be 4.69 g. 
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If there is only one digit beyond the doubtful digit in your number, and that digit is 
exactly 5, the rule is to round it down half the time and to round it up half the time so that you 
don’t add a systematic error to your data. To keep track of when to round up and when to 
round down, the rule of thumb is to always round to an even number in the remaining doubtful 
digit. For example, if a measurement with a + 0.01 g accuracy is used to measure 4.895 g, you 
should record 4.90 g. If it reads 4.885 g, you should record 4.88 g. O’s count as even. 


Keeping track of uncertainty with + , as in “4.4 + 0.1 cm”, would be cumbersome if the 
uncertainty had to be reported this way all the time. Therefore, we use significant figures to 
imply the precision of a measurement without having to state the uncertainty explicitly. In this 
course, we will assume an uncertainty of + 1 in the last recorded digit unless stated otherwise. 


The measurement recorded above could then be recorded just as 4.4 cm, and the 
uncertainty of + 0.1 cm would be implied (but you still, always, have to include the units). Note 


that when using this method, itis very important that you record all the lanilicant digits 


ing tha 
volume off a graduated cylinder, or temperature off a thermometer). 


Example: Report the amount of water in each of the pieces of glassware to the correct 
number of significant figures. 
15 © On the 10-mL graduated cylinder, markings are every 1.0 mL, and 
the meniscus is between the 13.0 mL and 14.0 mL markings. In this 
— case, the certain digits are 13. mL. The uncertain digit could be 
between 13.4 mL to 13.6 mL. Let’s say the uncertain digit is .5 mL 
Therefore, the reported value is 13.5 mL. 


It is sometimes confusing to determine whether a zero in a number is a significant figure 
or not. Significant figures are critical when reporting scientific data because they give the 
reader an idea of how well you could actually measure/report your data. Let's summarize the 
rules for significant figures: 


16 OpenStax. “1.5 Measurement Uncertainty, Accuracy, and Precision.” Chemistry, Rice University, 2016, 
opentextbc.ca/chemistry/chapter/measurement-uncertainty-accuracy-and-precision/. Licensed under CC BY 4.0: 
https://creativecommons.org/licenses/by/4.0/legalcode. 
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1) ALL non-zero numbers (1,2,3,4,5,6,7,8,9) are ALWAYS significant. 
i.e. “27 L’ has two significant figures. 


2) ALL zeros between non-zero numbers are ALWAYS significant. 
i.e. “303 m” has three significant figures. 


3) ALL zeroes SIMULTANEOUSLY to the right of the decimal point AND at the end of the number 
(lagging zeros after the decimal point) are ALWAYS significant. 


i.e. “5.000 kg” has four significant figures. 


4) ALL zeros on the left of a written decimal point AND in a number > 1 are ALWAYS significant. 
i.e. “10.7030 mL” has six significant figures, BUT “0.0835 cm” has three significant figures 


Leading zeros (zeroes before the leftmost non-zero number) are never significant. A 


helpful way to check rules 3 and 4 is to write the number in scientific notation. If you can/must 
get rid of the zeroes, then they are NOT significant. A number in scientific notation contains all 
its significant figures (“sig figs”) in the significand; for example, “6.022 x 107°” contains four sig 
figs — the four digits in 6.022. Also: we will never ask you about the sig figs in “counting 
numbers” (i.e. 1 sheep, 2 sheep) and constants (i.e., TT) since they are not measured. 
Examples: How many significant figures are present in the following numbers? 


Number # Significant Figures 
48923 5 
3.967 4 
900.06 5 
0.0004 (= 4 x 10%) 1 
8.1000 5 
501.040 6 
3000000 (= 3 x 10°) 1 


10.0 (= 1.00 x 10°) 3 
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In adding or subtracting numbers, the answer should contain only as many decimal 
places as the measurement having the least number of decimal places. In other words, your 
answer should reflect the accuracy of the measurement by correctly placing the doubtful digit. 
This is best done by lining up the numbers to be added or subtracted, performing the addition 
or subtraction, and discarding any digits to the right of the doubtful digit from the answer. 


In the end, your answer must reflect the least (lowest) level of precision given by your 
measuring instruments. For units, the unit of the answer is the same as the unit of the data, but 
the unit of all the data must be the same (i.e., all m? or all pL). 


Example: For a balance that measures to + 0.01 g, the sum of the following measurements 
yields: 


34.60g+24.555g = 34.60 
+ 24.555 
= 59.155 g=59.16¢ 


When multiplying or dividing, the answer may have only as many significant figures as 
the measurement with the least number of significant figures. This is especially important to 
remember when using a calculator, since your calculator may give you an answer with 11 or 
more digits! This is not math class - your measuring instruments determine where you cut off 
the digits from your calculations. This is different from adding/subtracting because here, you 
are multiplying the uncertainties, so the percentage of the uncertainty divided by the number 
itself is important. This is given by the number of significant figures in the original 
measurement. 


In the end, your answer must reflect the least (lowest) level of precision given by your 


measuring instruments. The units of the answer reflect the mathematical operation you 
performed. For example, mm? divided by mm should give you a final unit of mm’. L divided by 
L will give you no unit. 


Examples: (1.13 m) (5.1261 m) = 5.79251786 m? = 5.79 m? 


Significant figures: 3 5 3 sig figs 
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4.96001 g / 4.740 cm?= 1.0464135 g/cm? = 1.046 g/cm? 
Significant figures: 6 4 4 sig figs 


When operations are mixed, calculate and then round off your final answer rather than 
determining the sig figs to use and rounding after every intermediate step. Round off just once 
for your final answer. If you round off after every single step, you will compound all the errors. 
Your answer must reflect the least (lowest) level of precision given by your measurin 
instruments. A prime example of this is percent error. If the actual (true) value of a mass is 3.29 
g, but you measure it as 2.8 g, the percent error of your measurement is 14.8%. This is because 
the answer reflects the lowest level of precision shown by the measurement, 2.8 g (one decimal 
place). 


Note: From this point forward until the end of the course, all numerical answers MUST be 
expressed and rounded using the appropriate significant figure rules. 


1.07: Dimensional Analysis 


Learning Objectives: 


e (2.G) Express and manipulate chemical quantities using scientific conventions and 
mathematical procedures, including dimensional analysis, scientific notation, and significant 
figures. 


Dimensional Analysis 


In dimensional analysis (aka. the factor-label method), you are converting from one unit 
to another. Perhaps the desired unit is more useful, or you need the desired unit for another 
calculation. You use a conversion factor, which is the ratio between the two units of 


measurement. “1 m=100 cm” is a conversion factor. A conversion factor can also be written 


1m 100 cm 


looking as if it is a fraction, i.e., DO GH 1 


A conversion factor always sets 1 of one 


unit to its equivalent in the second unit, or its reverse. 
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Example: Give conversion factors for the following pairs of units. 

Kilograms and grams 1000 g=1kg so 1000g/kg or 1 kg/1000g 
Liters and milliliters 1L=1000 mL so 1L/1000mL or 0.001 L/mL 
Meters and centimeters 1m=100cm so 100 cm/m or 0.01 m/cm 


Often in chemistry, the measurements we need are not in convenient units. Metric units 
and prefixes are not always used in “real life”. When solving unit conversion problems, we use 
the train tracks method to show our work. This handles the basic algebra for us. Your teacher 
may use a similar method that does not involve drawing “train tracks”, but it performs the same 
function: lay out the conversion factors so that units placed diagonally will cancel out. 


Example: A wire is 1.3 feet long. How many centimeters is that? 


You need all the conversion factors that relate feet to centimeters. You may need more 
than one. 1 inch = 2.54 cm, and 12 inches = 1 foot. Below are the completed train tracks: 


LS Fe 12 in 2.54 cm 


Here’s what happened: We set up “train tracks.” We wrote the quantity we converted 
first, 1.3 feet. “Feet” will cancel (be eliminated) when it is multiplied by its reciprocal. 12 inches 
= 1 foot, so “feet” will be placed in the denominator of the next section. Set up 1 inch = 2.54 
cm to cancel out inches. 


To get the answer, multiply as you move across the tracks from left to right and divide if 
you cross the division line. Omit 1’s if you like. Calculate, then put the correct (desired unit) 
after your numerical answer. In your calculator, put this: 1.3 x 12 x 2.54 to get the answer of 40. 
cm, or 4.0 x 10’ cm. 


Always round your answer using significant figure rules to get the final answer. Place the 
unit after your answer. “ft” and “in” canceled out, so the final unit is cm. (Do not use any 
conversion factors as a factor in deciding the number of sig figs to use. Use the sig figs in the 
measurement you are converting.) 


37 


Another example: A snail travels 13 feet / hour. How fast is this in m/s? 


13 # 12 #* 2.54 ert 1m 1 AF = 0.0011 m/s 


1 hr 1% lim 100 em 3600 s 


Example: Convert 30.0 in’ to cm’. 


For a problem like this, involving squared units, you must square your conversion factor. 
1in=2.54cm, so/ or 1 in*=6.45 cm’. 


Notice how the top and bottom of a conversion factor are always equal QUANTITIES, even 
though they aren’t the same number. 


When solving a problem using dimensional analysis, remember to do the following: 


1) Identify the GIVEN and WANTED values. 

2) Write out the per expressions (conversion factors) that share the units of measurement of 
the given and wanted values, providing a unit pathway. 

3) Align the given quantities and the conversion factors so that the given units of measurement 
cancel and the wanted units of measurement are left. 

4) Write the work for calculation, including all the units for every conversion factor. 

5) Calculate the numerical answer and cancel out units of measurement that disappear when 
divided by themselves. Round according to the significant figure rules. The “last unit 
standing” is the unit of the answer. Include this unit after your rounded answer. 

6) Check the answer to be sure both the number and units make sense. 
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Unit 2: Atomic Structure and the Periodic Table 


Description 


Periodic Trends 


2.01: Early Atomic History 
Learning Objectives: 


(2.B) know that scientific hypotheses are tentative and testable statements 


(2.C) know that scientific theories are based on natural and physical phenomena and are 
capable of being tested by multiple independent researchers 

(2.D) distinguish between scientific hypotheses and scientific theories 

(2.H) organize, analyze, evaluate, make inferences, and predict trends from data 

(2.1) communicate valid conclusions supported by the data 


(3.A) analyze, evaluate, and critique scientific explanations by using empirical evidence, 
logical reasoning, and experimental and observational testing 


(3.B) communicate and apply scientific information extracted from various sources 
(3.F) describe the history of chemistry and contributions of scientists 

(6.A) describe the experimental design and conclusions used in the development of 
modern atomic theory, including Dalton’s Postulates, Thomson’s discovery of electron 
properties, Rutherford’s nuclear atom, and Bohr’s nuclear atom 


We start this unit with three points of consideration. Many cultures and traditions 
discuss “where we come from.” It is not our place to discuss these without the correct 
knowledge and perspective. As science teachers, it is our responsibility to teach you the 
following progression of events in the history of science, which is the conventionally accepted 
version of events, as is required by Texas state curriculum. We also acknowledge the following 
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historical figures are not the only ones who have ever worked on the question of the nature of 
matter. The thinkers discussed here are the ones who won scientific acceptance. Their work 
and insights are indeed extraordinary in nature. However, they did not do it alone. They won 
acceptance not only because of their innovation but also because of the labor of countless 
family members, students, assistants, and colleagues. While we will be able to give you this 
conventional perspective, we want you to understand that this history is going to be 
incomplete. Our last point of caution is to let you know that research is still ongoing as to the 
nature of atoms and the nature of matter. Science is a modern, still evolving, field. With that 
framework in mind, let’s begin. 


Aristotle and Democritus 


Nothing exists except atoms and empty space; everything else is opinion. - Democritus 


The roots of atomic theory, in this Western tradition, lie in the beliefs of the ancient 
Greeks. For them the universe was composed of four fundamental and unchanging elements: 
earth, air, fire and water. Different combinations of these four elements formed everything 
known to them on earth; a fifth, “aether”, was said to make up the stars. Aristotle popularized 
this belief through his writings, and since he was very influential, this notion of “four elements” 
was assumed to be true by nearly everyone around him. These assumptions persisted well into 
the 1700s. 


Democritus, in contrast, popularized the belief that everything in the universe consisted 
of only two things: atomos, or tiny indivisible particles, and the space (“void”) that surrounds 
them. If you can visualize a hard, small sphere, you are seeing Democritus’ atomic model. 


Democritus’ Atomic Model 
All matter consists of tiny indivisible particles called atoms (or atomos). 
Atoms can form physical connections with other atoms or are separated because they 


have empty space between them. 

Atoms are indestructible, solid, invisible, and in constant motion. 

Atoms are homogeneous. Water consists of water atoms. Air consists of air atoms. 
Atoms differ in size, shape, mass, position, and arrangement. 


The Lavoisiers, Proust, and Dalton 


Antoine and Marie Lavoisier were French scientists working during the late 1700s. 
Helped along by a prevailing fashion for scientific research among their peers, they were able to 
show conclusively that matter, after all, cannot be created or destroyed, but is transformed into 
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other kinds of matter during chemical reactions. This statement is the law of conservation of 
mass and is the reason why we balance chemical equations today. However, the Lavoisiers did 
not explain this phenomenon in terms of atoms (or anything else), but simply stated it as a fact 
proven by substantial data and observations. 


Although Antoine is more well known, Marie was an equal partner in his work. She 
translated scientific reference books into French and recorded detailed notes, drawings and 
calculations with an extreme level of detail and accuracy, all of which helped advance their 
conclusions and promote their work to other scientists of the day. 


Joseph Proust showed through the law of definite proportions (or law of constant 
composition) that samples of one chemical compound, such as copper (II) carbonate (CuCO;), 
would always contain the same elements in proportion by mass. For example, a pure CuCO, 
sample will always have 51.4% of its mass be comprised of copper, regardless of the mass and 
volume of the sample. He synthesized copper (II) carbonate and compared its composition to 
that of naturally occurring copper (Il) carbonate, showing that the percentages of copper, 
carbon, and oxygen in the natural and artificial samples were exactly the same. If, on the other 
hand, two samples had different proportions of the same elements, then the two samples 
represented two different compounds with different sets of properties. Copper (I) carbonate 
and copper (II) carbonate have differing percentages of copper, so these must be two different 
compounds with different sets of physical and chemical properties. 


John Dalton based the very first true atomic theory on the work of the Lavoisiers and 
Proust. Unlike all of our previous scientists discussed so far, Dalton actually attempted to explain 
their observations, basing it all on Democritus’ atomos idea, as follows: 


Dalton’s Atomic Theory 


All matter is made of indivisible, indestructible atoms. 
All atoms of one element are identical in structure and properties. 
Atoms cannot be created or destroyed; they rearrange during chemical reactions. 


Atoms of different elements combine in simple whole number ratios to form 
compounds. 

When two elements combine to form two or more compounds, the ratios of the 
masses of one element that combines with the fixed mass of the other are simple 
whole numbers. 
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Postulate #5 in Dalton’s atomic theory is called the law of multiple proportions and was 
formulated by Dalton himself. It is best explained by example, as follows: Take two compounds 
that contain only nitrogen and oxygen, NO and NO,. In NO, 14 g of nitrogen (one mole) 
combines with 16 g of oxygen (one mole). In NO,, 14 g of nitrogen (one mole) combines with 32 
g of oxygen (two moles). If you reduce the N:O ratio in NO, it will be 1: 1.143, and for NO,, 
the reduced ratio will be 1 : 2.286. When you compare the oxygen content in NO to the 
oxygen content in NO,, you see that 1.143 : 2.286 = 1:2, which is the small whole number ratio 
that also relates the number of oxygens in NO to the number of oxygens in NO,. 


Thomson, Rutherford, and Chadwick 


Before 1897, various scientists suggested that the atom was built up by some kind of 
fundamental particle with a mass equal to that of the hydrogen atom. If they were correct, the 
charge to mass ratio of this particle would have been 1:1 (+1 charge, 1 amu mass). J. J. 
Thomson, a gifted scientist and teacher, showed otherwise. He used a cathode ray tube to 
prove this, as shown in the diagram on the next page. 


A cathode ray tube consists of electrodes surrounded by a gaseous element and 


completely enclosed by glass. A bright ray of light appears when high voltage electricity is 
applied. The ray is deflected by a negatively charged electrode and bends towards a positively 
charged electrode. Moreover, it travels faster than a ray of (say) hydrogen atoms would. 
Thomson compared the magnetic deflection of the ray to the electric deflection of the ray and 
found that the charge to mass ratio of the particles was over 1000 times greater than expected 
for a ray of hydrogen atoms. 


Thomson took these experimental observations to mean that these particles were 
negatively charged and lighter than a hydrogen atom. He is thus given credit for the discovery 
of the electron. The electron adds something new to our (current) atomic model, so Thomson 


17 “Eile: JJ Thomson Cathode Ray Tube 2.png.” 
https://commons.wikimedia.org/wiki/File:JJ_Thomson_Cathode_Ray_Tube_2.png. Wikimedia Commons. Public 
domain. 
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modified Dalton’s model to include electrons embedded in an area of positive charge to 
neutralize the atom’s overall charge. Today we call this the Thomson “plum pudding” model. 


fluorescent 


Ernest Rutherford was a student of 
Thomson’s. In an attempt to prove the 
plum pudding model correct, he and his 
students set up the apparatus to the left, 
the “gold foil” experiment. If Thomson’s 
atomic model was correct, a stream of 
heavy alpha particles would pass 100% 
completely through thin gold foil in a 


nt straight line. That did not happen to 
radiation source (radium) 


their surprise.”® 


While the majority of the alpha particles (detected up by the fluorescent screen) were in 
that desired straight line, some were deflected slightly, and a very few were deflected at very 
large angles. Since alpha particles are positively charged, Rutherford was forced to conclude 
that those deflected particles were repelling something positively charged inside the atom. The 
very low frequency of those collisions showed that the positively charged area was very small 
and dense. Since most of the alpha particles did pass through straightly, the rest of the atom 
outside that area must be empty space. Rutherford added this “nucleus” to Thomson’s atomic 
model, as in this graphic on the next page. 


18 “File: Geiger-Marsden experiment.svg.” 
https://commons.wikimedia.org/wiki/File:Geiger-Marsden_experiment.svg. Licensed under CC BY-SA 3.0: 


https://creativecommons.org/licenses/by-sa/3.0/legalcode 
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THOMSON MODEL RUTHERFORD MODEL 


vy 


OBSERVED RESULT 


It was James Chadwick, working in Rutherford’s lab, that demonstrated proof of a third 
subatomic particle, the neutron. Previous studies by other scientists (including the 
Joliot-Curies) had showed beryllium atoms being bombarded by polonium will release neutral 
radiation, but Chadwick estimated that the mass of a neutron was about the same as a proton. 
Now, the Rutherford-Chadwick atomic model includes a small, positively charged, and highly 
dense “nucleus”, containing protons and neutrons, surrounded by a vast volume of empty 
space. This empty space is massive compared to the size of the nucleus. Electrons exist in the 
empty space, and their negative charge neutralizes the positive charge of the nucleus. 


Atomic Structure 


Now, let’s stop and use these observations to help us get a picture of the atom. We saw 
that Rutherford inferred the presence of a small, very dense nucleus composed of a certain 
number of protons (positively charged nucleons) and neutrons (nucleons with no charge). The 
number of protons, or the atomic number, is shared by all atoms of that element. The atomic 
number is what is responsible for the element’s physical and chemical properties. The mass 
number is the number of protons and the number of neutrons added together. A huge volume 
of empty space, containing an electron “cloud”, surrounds the nucleus. In a neutral atom, the 
number of protons will equal the number of electrons. In ordinary matter, cations and anions 
always occur together so that overall, the matter has no charge, or a “neutral” charge. 


lons are charged atoms. Their charges come about due to the loss or gain of valence 
electrons during chemical reactions. (“Valence” electrons are electrons on the outermost edges 


19 “File: Geiger-Marsden_experiment_expectation_and_result.svg.” 
https://commons.wikimedia.org/wiki/File:Geiger-Marsden_ experiment expectation and _result.svg. Licensed 


under CC BY-SA 3.0: https://creativecommons.org/licenses/by-sa/3.0/legalcode. 
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of the electron cloud.) Neutral atoms are unstable, but the loss or gain of these electrons 
stabilizes them. If the atom loses electrons, it forms a positively charged cation. 


Example: Forming the Li’ cation: Li Lii+1e 


A cation will be marked with a positive sign and a number, such as “2+” or “+3”. Ifa 
cation has a +2 charge, that means it has two /ess electrons than the atom normally does. For 
example, the Ca”* cation contains 20 protons and 18 electrons. Normally, a Ca atom would 
contain 20 protons and 20 electrons. Cations with a 1+ charge don’t always have the 1 
attached. For example, the Na* cation contains one less electron than a Na atom does, so it has 
11 protons and 10 electrons. 


If the atom gains electrons to stabilize, a negatively charged anion is formed. 


Example: Forming the F anion: F+tle >F 


An anion will be marked with a negative sign, although it might not have a number. If it doesn’t 
have a number, as in “-“, that means 1-. An anion with a 1- charge has one more electron than 
its number of protons. For example, the F anion has 9 protons and 10 electrons. The S* anion 


has 16 protons and 18 electrons. 


To display this information, we use isotopic (or nuclear) notation, or simply list the 
name or symbol of that element followed by a dash and then its mass number. Nucleons are all 
the particles contained in the nucleus (so, protons and neutrons). A neutral atom contains an 
equal number of protons and electrons. An anion contains more electrons than protons; a 
cation contains fewer electrons than protons. 


27 
Example: 13 contains 13 protons, 13 electrons, and 14 neutrons. (27 - 13 = 14). 
36 7]- 
ag contains 17 protons, 18 electrons, and 19 neutrons. (36 - 17 = 19). 
64 2+ 
>9 Cu? 


contains 29 protons, 27 electrons, and 35 neutrons. (64 - 29 = 35). 


2.02: Isotopes, Average Atomic Mass and Mass Spectrometry 
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Learning Objectives: 


(2.E) plan and implement investigative procedures 
(2.F) collect data and make measurements with accuracy and precision 
(2.G) express and manipulate chemical quantities using scientific conventions and 
mathematical procedures 
(2.H) organize, analyze, evaluate, make inferences, and predict trends from data 
(2.1) communicate valid conclusions supported by the data 
(3.A) analyze, evaluate, and critique scientific explanations by using empirical evidence, 
logical reasoning, and experimental and observational testing 
(3.B) communicate and apply scientific information extracted from various sources 
(3.F) describe the history of chemistry and contributions of scientists 
(6.A) describe the experimental design and conclusions used in the development of 
modern atomic theory, including Dalton’s Postulates, Thomson’s discovery of electron 
properties, Rutherford’s nuclear atom, and Bohr’s nuclear atom 

e (6.C) calculate average atomic mass of an element using isotopic composition 


Isotopes 


Besides discovering the electron, Thomson also discovered the existence of isotopes. 
Isotopes are “different kinds” of the same element. For example, sodium-23 and sodium-24 are 
both isotopes of sodium. Since isotopes contain the same number of protons, they all have 
identical physical and chemical properties. However, they differ in the numbers of neutrons 
(#n°); therefore, they have different mass numbers. 


Examples Sodium-23 Na-23 (Z=11) 11p,12n,11e 


Sodium-24 Na-24 (Z=11) 11p,13n,11e 


Average Atomic Mass (AAM) 


To explain the concept of average atomic mass, let’s use an analogy. Your grades are a 
weighted value. The “major assessments” isotope of the element “yourgradium” makes up the 
highest percentage by mass of atoms in that element, thus “counting the most” in any 
calculation of your grades. Your overall grade is calculated just like the average atomic mass of 
an element. The average atomic mass of an element is a weighted average of the atomic 
masses of all isotopes in a naturally occurring sample of that element. 
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You can find the average atomic mass of an element easily, because it is the decimal 
number you see in the square for each element in the periodic table. It is measured in atomic 
mass units (amu). It is also the same as the molar mass of that element in units of g/mol. 


Average atomic mass is a decimal because the average atomic mass considers the 
percentage of each known isotope in a naturally occurring sample of that element. If you took 
random samples of a naturally occurring element, its isotopes would always be represented in 
each sample in a fixed percentage. 


For example, bromine-79 in a naturally occurring sample of bromine is always 50% of the 
atoms in the sample. There are only two isotopes of bromine, Br-79 and Br-81, so the other 
50% of the atoms are Br-81. This doesn’t favor one isotope over the other, so the average 
atomic mass of bromine is 79.90, which is just about in the middle between the numbers 79 
and 81. These percentages are called the percent abundances of those isotopes in the naturally 
occurring pure sample. The relative abundance is the percent abundance expressed as a 
decimal. 


You need to be able to do two types of calculations: calculate the average atomic mass 
of an element if given individual atomic masses and percent abundances or calculate the 
percent abundances of two isotopes if given the average atomic mass. The unit of atomic mass 
is amu, or atomic mass unit. 1 amu is equal to 1.66054 x 10% g, which is the same as the mass 
of one proton or one neutron. 


a) Calculating Average Atomic Mass, or AAM (given masses and percent abundances): 


1. Convert the percentage abundances into relative abundances by dividing by 100. 
2. Multiply the relative abundance of each isotope by its naturally occurring atomic mass. 
3. Add the numbers from step two together. 


AAM = (mass of first isotope*relative abundance) + (mass of second isotope* relative 
abundance) +... 


Example: Calculate the average atomic mass of carbon, given the following data. 
Data: 98.89% carbon-12 isotopic mass 12.000 amu 

1.11% carbon-13 isotopic mass 13.0034 amu 
Solution: (12.000 amu * 0.9889) + (13.0034 amu * 0.0111) = 12.011 amu 
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b) Calculating Percent Abundances from Average Atomic Mass (when given molar masses OR 
mass in amu for each isotope): 


1. Because relative abundances will always add up to 1, assign one isotope to have an 
abundance of “x” and the other isotope to have an abundance of “1-x.” 


2. Look up the average atomic mass of the atom on the periodic table if it’s not given in the 
problem. 


3. Set up your problem so it looks like the setup below: 


AAM = (Mass of first isotope) x + (Mass of second isotope) (1 - x) 


4. Solve for “x.” Multiply this number by 100 to turn it into a percentage. This is the percent 
abundance of isotope A. 


5. The percent abundance of isotope B is 100% minus the percent abundance of isotope A. 
Example: |f Element X has an average atomic mass of 50.0 amu, calculate the percent 
abundances of its two isotopes, given that the first isotope has an atomic mass of 49.5 amu and 


the second isotope has an atomic mass of 51.0 amu. 


First, realize that since the average atomic mass is 50.0 amu, the first isotope must have a 
greater percent abundance than the second. “1” is 100% as a decimal. Set up the algebra: 


50.0 = 49.5 (x) + 51.0 (1—x) 


50.0 = 49.5x + 51.0 — 51.0x 


50.0 — 51.0 = 49.5x — 51.0x 


-1.0 = -1.5x, so x (the percent abundance of the first isotope) = 66.7% 


The percent abundance of the second isotope will be 100 — 66.7% = 33.3%. 
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Example: Element D has three isotopes and has an average atomic mass of 74.3 amu. The first 
isotope has a percent abundance of 15.0% and an atomic mass of 73.9 amu. The second and 
third isotopes have an atomic mass of 74.2 amu and 74.5 amu respectively. Calculate the 
percent abundances of the second and third isotope. 


“1” is the decimal equivalent of 100%, but you know the percent abundance of the first isotope. 
This leaves 85.0% as the total percent abundance of the two remaining isotopes. “x” is the 
relative abundance of the second isotope, and “0.85 — x” is the relative abundance of the third 
isotope. The setup will be: 
74.3 = 73.9 (0.15) + 74.2 (x) + 74.5 (0.85 — x) 
74.3 = 11.085 + 74.2x + 63.325 — 74.5x 
74.3 = 74.41 + (74.2x — 74.5x) 


74.3 — 74.41 = - 0.3x 


-0.11 = -0.3x, so x (the percent abundance of the second isotope) = 36.7%. 
The percent abundance of the third isotope will be 85 -36.7% = 48.3%. 


49 


Mass Spectrometry 


. A mass spectrometer ”’ is a (large) device we 
Detection 
Faraday use to sort atoms of an element by mass. 
collectors The mass spectrometer first charges all of 


m/q} = 46 the atoms by bombarding them with 
{may = = 45S ee 
m/q} = 44 —- electrons. Positive ions are created and 


those cations travel in curved paths towards 
a negatively charged plate. As they travel 
toward the detector, they pass through a 
magnetic field and are deflected more or 
less based on their mass. The effect is 
similar to throwing a ping pong ball versus a 
baseball on a very windy day; the lighter one 


ratio ; 
is deflected more. 
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Consider the mass spectrum for boron. Here is how to read it: 


e “m/z” onthe x-axis 
represents the atomic mass. Mass Spectrum of Boron 

e The height of each bar 
represents the relative 7M 
abundance. 

e@ The number of bars is the 
number of isotopes of this 
element. 

e The percent abundance of 
boron-10 is (23 / 123 * 100) si 
= 19%. 

e@ The percent abundance of 00 
boron-11 is (100 / 123 * 100) miz 
= 81%. 


Relative Abundance 


You can thus calculate the average atomic mass: 10.0 (0.19) + 11.0 (0.81) = 10.8 amu. 


20 “File: Mass _Spectrometer_ Schematic. sve 


. Public domain. 
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2.03: Nuclear Chemistry 


Learning Objectives: 
e@ (2.G) express and manipulate chemical quantities using scientific conventions and 


mathematical processes 

(3.A) analyze, evaluate, and critique scientific explanations 

(3.B) communicate and apply scientific information extracted from various sources 
(3.E) describe the connection between chemistry and future careers 

(3.F) describe the history of chemistry and contributions of scientists 


(12.A) describe the characteristics of alpha, beta, and gamma radioactive decay 
processes in terms of balanced nuclear equations 
e (12.B) compare fission and fusion reactions 


Introduction to Nuclear Chemistry 


Radioactivity was discovered by Henri Becquerel in 1896. Rutherford, among others, 
studied it. Of these scientists, Marie Curie is most well known for her discovery of two “new” 
radioactive elements, polonium and radium. Her daughter Irene became a noted chemist in her 
own right. Nuclear chemistry is the study of radioactivity, or changes that occur to the atom’s 
nucleus. Nuclear reactions are different from chemical reactions. Chemical changes involve 
changes in the number of electrons in the electron cloud. However, a nuclear change involves 
absorption and/or emission of particles from or by the nucleus. If particles are released, we call 
this process radioactive decay, or emission. 


Some isotopes are naturally unstable (meaning: the ratio of neutrons to protons is not 
optimal) so radioactive emission occurs to stabilize the nucleus. Nucleons (protons and/or 
neutrons) are released or absorbed. We call the unstable nucleus the parent. As the unstable 
nucleus decays, the number of nuclear particles (nucleons) changes. The nucleus after the 
decay is called the daughter. After a decay, the daughter nucleus is smaller — it has fewer 
nucleons - than the parent. 


While the overall charge of a nucleus remains positive, it is still possible for electrons to 
be involved. The electrons emitted in a nuclear decay process do not come from the electron 
cloud. Some types of radioactive decay involve the absorption or emission of electrons from 
out of the nucleus itself. 
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In other nuclear reactions, a large nuclei may “split” into smaller nuclei when struck by 
particles, or two or more different nuclei come together to form a brand new, larger nucleus. A 
nucleus “split” is called fission. Fusion is the term for multiple smaller nuclei coming together. 


If the number of protons (i.e., the atomic number) changes during a nuclear change, the 
process is also called transmutation, because a new element is being formed. Transmutation 
can be natural or artificial. Nowadays a particle accelerator is used to transmute artificial 
elements by a process called bombardment. This is exactly what it sounds like: particles are 
shot directly at a nucleus to see if a new nucleus will form. 


A great deal of energy is involved in nuclear reactions because energy is required to hold 
very small and identically charged nucleons together in a very dense nucleus. The law of 
conservation of energy still holds true. Since mass and energy are interchangeable (thank 
Einstein for that, E = mc’), the number of nucleons and the energy is always conserved in a 
nuclear process. 


Recall also that an element can have several isotopes. Different isotopes of the same 
element have the same atomic number (the same number of protons) but may have different 
numbers of neutrons, and hence, a different mass number. The mass number of an element is 
equal to the number of protons and the number of neutrons. A radioisotope of an element is 
an isotope that is radioactive, i.e., its nucleus is unstable, but not all isotopes are radioactive. A 


, ‘ ere : : 228 
nuclide (radioactive isotope) can be represented in the following ways: for example, gg ht or 


radium-228, or Ra-228. Note the mass number is written after the dash. The isotopic mass of 
radioisotopes are always counted in an element’s average atomic mass. 


Before we move on; in nuclear chemistry, know that the meaning of the numbers in 
isotopic notation is slightly different. The top left-hand number is still the mass number, or the 
number of nucleons (protons and neutrons), and the bottom left-hand number is the positive 
charge. In other words, a radium-228 nucleus has a charge of +88. This also means that the 
radium-228 nucleus contains 88 protons. 
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Nuclear Stability and Types of Nuclear Decay 


Stable nuclides all have something in 
common; they tend to have a ratio of protons to 
neutrons that is close to, or is, 1:1. 


Graphing the number of protons on the x-axis 


versus the number of neutrons on the y-axis for 
many nuclides produces a band of stability plot. 
Stable nuclides have data points that are inside the 


band. Unstable nuclides have data points outside of 
the band, since their neutron-to-proton ratio is not 


1:1. (You do not need to memorize this graph.) 7* 


There is a fairly simple explanation for this phenomenon: 


e For large nuclei (elements with atomic numbers 2 84): 


. 1 : 
A stable nucleus will have enough neutrons (nuclear symbol, ot ) to increase the 
amount of nuclear force and separate the protons from each other. As the number of protons 
at : ree ; : 
(nuclear symbol, 1? ) in a nuclide increases, the repulsive, electrostatic, forces between the 


protons also increase. Protons together in a tiny, dense space will repel without neutrons 
present. 


An unstable, large, nucleus usually has “too many” protons and neutrons, so it will 
release them to bring the proton:neutron ratio back down to 1:1. The most common particle 
released from this type of decay is a helium nucleus, or what Rutherford called an alpha 


a Vitz, Ed, et al. “Figure 19.7.1.” 19.7: Nuclear Stability, LioreTexts, 2019, 
chem.libretexts.org/Bookshelves/General_Chemistry/Book%3A_ChemPRIME_(Moore_et_al.)/19Nuclear_Ch 
emistry/19.07%3A_Nuclear_Stability. Licensed under CC BY-NC-SA 4.0: 


https://creativecommons.org/licenses/by-nc-sa/4.0/legalcode. 
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4 
particle: 2He . The release of an alpha particle from a nucleus is called alpha decay, or alpha 
emission. In place of “He”, we may use the alpha symbol, a. 


22 


An example of alpha decay 


e For smaller nuclei: 


; 0 
A neutron consists of a proton and an electron (nuclear symbol, 1° ) fused together 


(surprise!). If the unstable, small, nucleus has “too many neutrons,” a neutron will break down, 
(usually) keep the proton in the nucleus, and release the electron. This will drop the neutron 
count by 1 and increase the proton count by 1. This type of decay, where an electron is emitted 
from the nucleus, is called beta decay, or beta emission. Sometimes the antimatter version of 


“aw 


‘ 0 F . 
the electron, the positron (nuclear symbol, ae ), is released instead. In place of “e”, we may 


use the beta symbol, B. 


If the unstable, small nucleus has “too many protons,” the nucleus will decrease the 
proton count by reacting it with an electron. This requires the nucleus to absorb an electron. 
This type of decay is called electron capture. After electron capture, the neutron count 
increases by 1 and the proton count has decreased by 1. Technically, any decay process 
involving electrons or positrons is a beta decay, but in class, we will use “beta decay” to indicate 
electron emission by the nucleus. 


It is common, in any type of decay, to release high-frequency radiation from the nucleus 
along with the particles. This energy is called gamma radiation, and this decay type is called 


gamma decay (or gamma emission). The symbol for a gamma ray is ‘y . This is the nuclear 


energy that is frequently, and sadly, weaponized. 


22 «Eile: Alpha-Decay.png.” File: Alpha-Decay.png, Wikimedia Commons, 2009, 
commons.wikimedia.org/wiki/File:Alpha-decay.png. Licensed under CCO 1.0 (public domain). 
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54 
5, lodine-131 xenon-131 beta particle 


An example of beta (electron) decay 


23 23 0 0 
12Mg > 3;Na + 43e + gv 


An example of positron decay and gamma decay 


81 0 81 0 
3gkr + _13€ D> 3cBr + ov 
An example of electron capture and gamma decay 


Practically speaking, the mass and charge of radioactive particles and gamma rays affects 
their properties. In “real life” we detect radiation by seeing how well they can penetrate 
materials (their “penetrating power”) or by the amount of shielding required to protect yourself 
from that radiation. Heavy radiation, like alpha decay, is easily stopped by paper or skin. Beta 
radiation — all types — is stopped by aluminum foil. (This is where the expression “tin hatters” 
came from.) Gamma radiation is stopped only by one meter, or more, of material such as 
concrete. This does not mean that alpha radiation is harmless. Due to its high positive charge, 
alpha particles can strip electrons away from neutral matter, making it a type of “ionizing 
radiation,” even though it is slow moving. 


23 “Eile: Beta-decay.png.” File: Beta-decay.png, Wikimedia Commons, 2009, 
commons.wikimedia.org/wiki/File:BetaO-decay.png. Licensed under CCO 1.0 (public domain). 
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Balancing Nuclear Equations for Alpha, Beta, and Gamma Decay 


When we balance nuclear equations, we ensure that the number of protons and 
neutrons on each side — the parent side and the daughter side — are equal. For now, we will 
restrict ourselves to the types of decay previously covered: alpha, beta, and gamma decay. In 
these decays, there is only one parent nuclide. “Decay” or “emission” means that the alpha, 
beta, or gamma ray/particle symbol is written on the right — it’s a product. The other daughter 
nuclide contains the remaining protons and neutrons. There will only be two products for these 
decay types. 


Example: Write the balanced nuclear equation for the alpha decay of polonium-210. 


Write the nuclide symbol for polonium-210, then place a right-facing arrow right after it. You 
will need a periodic table to help you write the nuclide symbol. 


4 «File:Alfa Beta Gamma Radiation.svg.” File:Alfa_beta_gamma_radiation.Svg, 2007, 
commons.wikimedia.org/wiki/File:Alfa_beta_gamma_radiation.svg. Licensed under CC BY-SA 3.0: 
https://creativecommons.org/licenses/by-sa/3.0/legalcode. 
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219 Po > 


There will only be two products, and one of them is an alpha particle: 


219Po > 3He + ? 


The other daughter nuclide contains a mass that is equal to 210 — 4. That will be 206. The 
charge will be 84 — 2 = 82. Look up element #82 to get the symbol: it is lead, Pb. The finished 
balanced equation is: 


233 Po > 4He + 788 Pb 


Example: Identify the type (s) of nuclear change for the balanced nuclear equation 


SF > BB+ Bo 


Look at the products: there is a positron present. A decay where a positron is produced is 
called positron decay. There is no other unique particle on the right. Therefore, positron decay 
is the only type. (You can have several types of decay present.) 


Nuclear Fission and Nuclear Fusion 


Fission occurs when a large, unstable nucleus is struck by an incoming particle (usually a 
neutron) and “splits” into smaller nuclei, nucleons, and/or protons, positrons and electrons. It 
is not counted as a type of decay, since fission is artificially induced by bombardment with the 
neutron. Tremendous amounts of nuclear energy are released in any fission process. 


We will use as our example the neutron-triggered fission of uranium, published by Lise 
Meitner in 1939: 


in + 733U > 32Kr + 142Ba + 3 An 


After a uranium-235 nucleus is bombarded by the neutron, fission splits that nucleus into two 
smaller nuclei and three separate neutrons. These three neutrons can participate as triggers for 


other fission processes as part of a chain reaction. Note our use of coefficients in front of the 
“3” 
neutron to show there are more than one. We would not write 
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Nuclear fission can produce radioactive waste. Since radioactive waste can’t be 
incinerated (nuclear processes are not chemical processes, and burning, as a chemical change, 
doesn’t influence nuclear decay) it must instead be stored. Nevertheless, fission power plants 
generate much needed energy around the world, especially in countries where available land is 
scarce. 


Fusion is also an artificial bombardment process, but the target nucleus fuses with the 
bombarding particle to form a larger nucleus. Other smaller particles might be released as well, 
including protons, electrons, and neutrons. An incredibly high pressure and temperature are 
required for fusion to occur, but an even larger amount of energy is released afterwards — much 
larger than for fission. The sun and stars produce electromagnetic radiation via the fusion of 
hydrogen nuclei. Fusion processes do not produce radioactive waste, but fusion as a process is 
also less well understood and (not surprisingly) difficult to replicate in a reliable manner. 


For an example of fusion, we will use the reaction of an argon-40 nucleus with 
hydrogen-2: 


40Ar + 27H > 4*Ar + 1H 
Half — Life 


Many nuclides will undergo spontaneous decay, but the amount of time this takes is a 
characteristic property of that nuclide. The amount of time for half of a radioactive sample to 
decay to stable nuclides is referred to as the half-life, t,,.. Radioactive decay is an exponential 
function, which is the inverse of the logarithmic function, and always produces graphs like the 
one below.” 


>> Gordon, Elizabeth. “Figure 5.7.1.” 5.7: Calculating Half-Life, LibreTexts, 2019, 
chem.libretexts.org/Courses/Furman_University/CHM101%3A_Chemistry_and_Global_Awareness_(Gordon 
)/05%3A_Basics_of_Nuclear_Science/5.07%3A_Calculating Half-Life. Licensed under CC BY-NC-SA 3.0: 
https://creativecommons.org/licenses/by-nc-sa/3.0/us/legalcode. 
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Co-60 Decay 
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It is important to realize two things about half-life: 


The length of the half-life is constant. It never changes. This is why “atomic clocks” are 
so reliable and why radioactivity never completely goes to zero. 


The total mass of the sample remains constant. If we begin with 10 g of Co-60 at time = 
0, the beginning of our experiment, 5 g will be radioactive and 5 g will be stable after 


5.27 years (one half-life). After two half-lives, 7.5 g of the original 10 g will be stable. 


Decay of a Radioactive Substance 
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Half-life, like many intensive physical properties, can be graphed. The half-life graph depicted 
above *° shows that the half-life of this isotope is 1 year. 


Half-life problems can be solved using the following two formulas: 


A= and n= — 


= 
2 


where A is the amount of isotope remaining, A, is the initial mass of isotope, n is the number of 
half-life cycles, t is the total time that has elapsed between the initial time (t = 0) and the time 
of measurement, and t,,. is the length of one half-life. 


Example: Tritium (H-3) is a radioactive isotope of hydrogen with a half-life of 12.3 years. How 
long would it take for a 40.0 g sample to decay down to 1.25 g? 


We are going to solve for the total time passed, which is t. We don’t have the information to 
solve for t directly, since we do not know how many half-lives have passed. Let’s solve for n. 


A 
A= a so substitute: 1.25 = 22 


Cross-multiply: 1.25 (2") = 40.0 
Divide both sides by 1.25: 2" = 32 


To solve for the exponent, n, take the “log” of both sides. “log” stands for logarithmic, which 
will reverse the exponential function. We write: 


log 2" =log 32 
According to the laws of logarithms, we can now write: 


n- log 2 = log 32 


® Rosenkrantz, Kurt. “Figure 2. Radioactive Decay as a Measure si CK Foundation, 2019, 


re-of- 7 Hs- ES/. Licensed under CC BY-NC 3.0: https://creativecommons.org/licenses/by-sa/3.0/legalcode 
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Solve for n by dividing both sides by log 2. “log” is a calculator button, so just apply it to solve 


for n. 
log 32 


log 2 =5 


n= 


This means five half-lives have passed. Substitute n = 5 into n = — and solve for t. 
1/2 


a ss a 
5 = 3 years? SOt=5% 12.3 = 61.5 years. 


This method will always work to solve for n, if the problem requires it. If you’re confident with 
exponents and powers, you might have realized a few steps ago that 2° = 32, so you could get n 
= 5 right away. However, not all problems will be as straightforward as that. 


2.04: Bohr’s Atomic Model 
Learning Objectives: 


@ (2.G) express and manipulate chemical quantities using scientific conventions and 
mathematical procedures 
(3.B) communicate and apply scientific information extracted from various sources 
(3.F) describe the history of chemistry and contributions of scientists 
(6.A) describe the experimental design and conclusions used in the development of 
modern atomic theory, including Dalton’s Postulates, Thomson’s discovery of electron 
properties, Rutherford’s nuclear atom, and Bohr’s nuclear atom 

e (6.B) describe mathematical relationships between energy, frequency, and wavelength 
of light 

e (8.A) define and use the concept of a mole 


Why Bohr’s Model? 


When it comes to atoms, language can be used only as in poetry. The poet, too, is not nearly so 
concerned with describing facts as with creating images. 


- Niels Bohr 


In science, statements must be tested by other scientists. Thomson’s atomic model was 
challenged by several scientist, including Hantaro Nagaoka, who in 1904 proposed a “planetary” 
atomic model similar to Rutherford’s model. The “gold foil” experiment by Ernest Rutherford 
and colleagues established the presence of a small, incredibly dense, positively charged nucleus, 
and moving, negatively charged electrons around it. However, this “Rutherford-Chadwick 
atomic model” has two problems. 
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The first problem has to do with the stability of matter. If the Rutherford-Chadwick 
atomic model was correct as written, matter would be more unstable than it is. According to 
classical physics, any charged particle moving in a curved path emits radiation, since it is 
constantly accelerating. Thus, electrons moving around the nucleus should eventually lose 
energy (since radiation is energy), be attracted to the nucleus and eventually collide with it - 
which does not occur. 


The second problem has to do with the energies of the electrons. The radiation 
produced by the electrons, as they move faster and faster inward, should change in energy very 
quickly so that you obtain a continuum of energy values. However, the radiation emitted by 
electrons is discrete - that is, only specific values for these energies are ever observed. 


To try to account for these observations, Niels Bohr proposed an atomic model that 
expanded on the Rutherford-Chadwick model. But first, let’s lay down a few definitions. 


The Nature of Electromagnetic Radiation and c = Av 


Electromagnetic radiation (EM) encompasses various types of energy such as visible 
light, radio waves, microwaves, X-rays, and gamma rays. All EM is released into space by stars 
and generated by a changing electric or magnetic field. They all travel at the same speed, which 
is the speed of light, c ( = 3.00 x 10® m/s). They all travel as waves, and therefore have all the 
properties of waves. 


Each type of EM has a constant wavelength. This means the length between two crests 
(tops) of the wave is a constant. The SI unit of wavelength is m (meters) although it is more 
convenient to use nm (nanometers). 1 nm = 10° meters, or 10? nm = 1 meter. 


Each type of EM also has a constant frequency. Frequency is the number of waves that 
pass a certain point in space in one second, and it’s a constant for a specific type of EM. The unit 
of frequency is /s, or s’, or Hz (hertz). 1 Hz=1s'=1/s. 


As the next graphic illustrates’’, relationships exist between the frequency, energy, and 
wavelength of EM radiation, including for light. In the graphic, you can infer the energy of each 
type of radiation by looking at its temperature. 


2? Science Mission Directorate. "Introduction to the Electromagnetic Spectrum" NASA Science. 2010. National 
Aeronautics and Space Administration. Retrieved June 11, 2020. http://science.nasa.gov/ems/01_intro. 
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THE ELECTROMAGNETIC SPECTRUM 
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There are a few relevant mathematical formulas that illustrate these relationships 
between energy, frequency, and wavelength. First, let’s get into wavelength and frequency 
calculations. Check out the legend below to get familiar with their symbols. Note that 
wavelength and frequency must multiply together to obtain a constant, the speed of light, c. 


v = frequency (in Hz, or s’, or /s) ** pronounced “nu” 
c = speed of light = 3.00 x 10° m/s 
A = wavelength (in m) 


** if wavelength is given in units other than m, you need to convert 
** pronounced “lambda” 


Formula:¢ = AV 
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Example: Calculate the wavelength, in nm, of radiation with a frequency of 4.00 x 107° s*. 


Cc 


Rearrange c = AV so you can use it to solve for A. This formula would be A = . 


8 
Cc 3.00 x 10 m/s 
hk=——= 3.00 «10 mis = 7.50 x 10m 
x 4.00x10 s 
9 
Convert this wavelength tonm: 7.50x10%%m x an =7.50x 10% nm 


You may need to convert in between different metric prefixes. 


The Quantum Nature of Light and E = hv 


Electrons in atoms emit and absorb energy in the EM spectrum, so that energy has a 
wavelength and a frequency, and has wave properties. This is the classical understanding of 
light. In reality, EM radiation behaves both as a wave and as particles. 


An example of this particle nature is the fact that electrons in atoms only emit and 
absorb energy with very specific frequency values somewhere in the EM spectrum, so since 
frequencies can only be certain numbers, energy can only be certain numbers. We say this 
energy is “quantized”. A “quantum” of energy is a “packet” with a discrete energy anda 
discrete frequency; a quantum of light is a “photon.” Max Planck introduced the basic 
“quantization” idea in 1900, but it was Einstein who applied this idea to electromagnetic 
radiation for his explanation of the photoelectric effect. 


The photoelectric effect occurs when incident light pushes electrons out from the 
surface of a solid. However, not all light is able to eject electrons. There is a certain cutoff value 
— the threshold frequency - for which the light would not produce electrons, no matter how 
bright the light source. Einstein realized that the total energy required to remove the electrons 
is a function of their frequency; the higher the frequency, the higher the energy. 
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To understand quantization, try thinking of it like buying clothes. One sweater may cost 
$30 at your favorite store. This is probably the only price for that style of sweater at that store. 
You can’t buy half a sweater - they only come in units of “sweaters”, so your total bill is 
dependent on the number you bought. This means that the total price for multiple sweaters 
can only be discrete values - $30, $60, $90, $120, $150, etc. Similarly, energy is quantized - 
since electrons can only have discrete specific frequencies, the possible energies can only be 
specific values. Energy, like mass, is a particle property. 


We relate energy to frequency by using the formula E = hv. However, know that this 
formula permits you to calculate the energy of one light photon (or one quantum of energy). To 
calculate the energy of a mole of photons (or quanta) would involve multiplying the energy of 
one photon (or quantum) by Avogadro’s number. However, the wavelength and the frequency 
of a mole of photons is the same as for one photon (of the same type of radiation). Lastly, using 
these formulas will always give you the energy in J (Joules). To simplify matters, we can also 
express energy in terms of electron volts (eV). 


E = energy (in Joules) h = Planck’s constant = 6.626 x 104 Js 
= frequency (in Hz, or s*, or /s) ** pronounced “nu 
= speed of light = 3.00 x 10° m/s 


= wavelength (inm) ** if wavelength is given in units other than m, you need to convert 
** pronounced “lambda” 


ais lot “Illustration of the principle behind the photoelectric effect » Wikimedia Commons, 2006. 
: . Licensed 


under CC BY-SA 3.0: https://creativecommons.org/licenses/by-sa/3.0/. 
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E=hv (Planck’s equation) 


1 eV (electron volt) = 1.602 x 107° J 


Example: What is the energy (in eV) of radiation that has a frequency of 3.99 x 10°° Hz? 


Use the formula E = hv to solve for the energy of one quantum, in Joules: 


E = (6.626 x 10" J-s) (3.99 x 10% s*) = 2.64 x 107°J 


Convert to eV: 2.64 x 107° J x +“ ___ = 0.165 eV 
1602x10 J 


6.022 x 10°° ) 


(If you needed the energy of one mole of this radiation, multiply the E value by aaa 


Bohr’s Atomic Model 


When high voltage electricity runs through a sample of pure, gaseous element, it glows 
brightly. The color of that light is characteristic of that element. When you view that light in a 
prism or a spectroscope, you obtain a discontinuous spectrum consisting of colored lines against 
a dark background. This is an atomic emission spectrum. Every colored line correlates with a 
specific wavelength, and any spectral lines that are invisible to you lie in the infrared or 
ultraviolet range. 


Different elements give off different atomic emission spectra, and they are unique 
enough that you can use them to identify an unknown. This is how cesium (Cs) was discovered - 
Kirchhoff and Bunsen used a spectroscope, their own invention, to examine the spectrum of 
spa mineral water and found unique, sky-blue lines (“cesium” is Latin for “sky-blue”). If you 
analyze a gaseous mixture of two different elements in a spectroscope, it will produce a 
spectrum that is the combination of those two individual spectra, since a mixture retains the 
properties of each component. 


When electricity runs through a gaseous hydrogen sample, three different visible light 
colors are seen in its emission spectrum: red, blue green, and violet. No other colors are seen. 
If electrons were constantly moving into different random locations inside the atom, one would 
expect to see all different, random colored lines instead as the electrons emit energy - so why is 
the atomic emission spectrum of an element so predictable? For example, the atomic emission 
spectrum of hydrogen *always* yields this result below. Bohr was attempting to figure out why. 
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410 nm 434 nm 486 nm 656 nm 


The result, Bohr’s atomic model, solved this problem neatly. If the atomic emission 
spectrum of an element is predictable, and if electrons must have a specific energy to stay at a 
specific distance away from the nucleus, perhaps electrons can move between these distances 
and absorb or emit energy in the process. 


Bohr’s atomic model states that electrons orbit the nucleus at discrete distances 
(“stationary states”) away from the nucleus. Each orbit corresponds to a discrete energy - an 
“energy level” (symbol n). A specific distance is correlated to a specific amount of energy. 
Energy levels can be “empty” (i.e., no electron has that energy) or “full” (i.e., some maximum 
number of electrons have that energy). The energy of an electron depends on the size of the 
orbit, and a smaller orbit means a lower energy. A hydrogen atom with its (sole) electron in n= 
1 is perfectly stable. 


Electrons usually exist in “the ground state,” or in an unexcited state. While it is in the 
ground state, the electron is not emitting radiation. Electrons in the ground state will absorb 
energy to “jump up” to higher energy levels, thus becoming “excited” when they do. Excited 
electrons will emit energy to “fall down to” lower energy levels, or back to the ground state. 
Since the energy levels are discrete, the energy that electrons absorb and release is discrete. 
(This idea was taken from Planck.) 


When excited electrons fall back down to lower energy levels, they emit light of discrete 
energies and frequencies. If the light is visible, you see a photon corresponding to that energy 
and frequency, following the equation E = hv. Each color corresponds to a line in that element’s 
atomic emission spectrum, and that line has a specific wavelength associated with it. Not all of 
these lines are visible; they could represent other forms of radiation, such as infrared or X-rays. 


29 "File:Emission Spectrum-H Labeled.svg." https://commons.wikimedia.org/wiki/File:Emission_spectrum-H.svg. 
Wikimedia Commons. N.p., n.d. Web. 14 Dec. 2016. Licensed under CCO 1.0 (public domain). 
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aon c Increasing energy 
n=3 “= of orbits 


< s Aphoton is emitted 
- "with energy E = hf 


"File:Bohr atom model English.svg." https: 
Wikimedia Commons. N.p., n.d. Web. 11 Jun. 2020. ese “ede? CC-BY- SA 3. 0: 
https://creativecommons.org/licenses/by-sa/3.0/legalcode. 


Practice: 
Rydberg’s Equation 


Rydberg’s equation quantifies the energy of an electron in a hydrogen atom while it 
moves between energy levels, either the absorption of quanta of energy to higher levels, or the 
emission of quanta to lower levels. Remember that a transition from a higher to a lower energy 
level produces photons of a discrete energy and wavelength. The equation successfully predicts 
the wavelength of spectral lines in hydrogen, but not in a multi-electron system. 


Rydberg’s equation is: 


1 1 1 
— = Ry | — —- — 
r ne 72 


R,, (the Rydberg constant) = 1.097 x 10’ m* 
\ = wavelength in m 
n, = the final energy level 
n, = the initial energy level 
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2.06: Modern Atomic Theory and Quantum Numbers 
Learning Objectives: 


(3.A) analyze, evaluate, and critique scientific explanations 
(3.B) communicate and apply scientific information extracted from various sources 
(3.F) describe the history of chemistry and contributions of scientists 


(6.A) describe the experimental design and conclusions used in the development of 
modern atomic theory, including Dalton’s Postulates, Thomson’s discovery of electron 
properties, Rutherford’s nuclear atom, and Bohr’s nuclear atom 


Problems with Bohr’s Atomic Model 


A scientific model is accepted if it can explain phenomena. While Bohr’s model does an 
excellent job of explaining behavior in a one-electron system, such as H, Li’, Be’, etc., it cannot 
successfully predict multi-electron system spectra, such as iron®: 


The Bohr model cannot predict the intensities of the lines, nor their finer structure - for 
instance, how can you explain why some lines are thicker or thinner, or why some lines appear 
to be the same color but have a different placement in the spectrum? Furthermore, Bohr’s 
“stationary states” were purely circular (i.e., in one plane), but atoms are three dimensional. 


The Bohr atomic model also violates the Heisenberg uncertainty principle. This 
principle states that the more precisely you know the location of a particle (such as an electron 
in an energy level), the less precisely you know its momentum. Momentum is the quantity of 
motion that a particle has. In Bohr’s model, the position of an electron is an atom is certain, 
since it’s a certain distance from the nucleus, and the energy of that electron is certain, because 
that distance is related to its energy. This is a contradiction because the velocity of an electron 
is related to energy: kinetic energy (KE) = % mv’. In the Bohr model, you know both position 
and velocity; according to the uncertainty principle, you can know one, but not the other. 


3° “https://commons.wikimedia.org/wiki/File:Emission spectrum-Fe.svg”. Wikimedia Commons, n.d. Web. 14 Dec. 
2016. Public domain. 
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So, we use another atomic model to better explain experimental observations of the 
atom. We don’t completely reject Bohr’s statements; that is to say, we cite parts of it in this 
newer model, and refine the parts we don’t. 


The Quantum Mechanical Model 


In 1926, Erwin Schrodinger published mathematical equations describing the probability 
of finding an electron in a certain position. In other words, you cannot be completely certain 
where the electrons are. The equations don’t define the trajectory of the electron, as the Bohr 
model does, so concerns about violating the Heisenberg uncertainty principle are moot. These 
equations are the basis for the quantum mechanical model of the atom. These equations are 
based on an idea put forth by Louis deBroglie in 1924 stating that electrons in atoms have both 
wave and particle properties; so, moving matter has a wavelength, which is significant for 
electrons because of their very small mass. Schrodinger’s equations treat electrons like they are 
waves. 


The quantum mechanical model retains Bohr’s idea of energy levels, but states that 
electrons move within an “electron cloud” around the nucleus. Electrons could be anywhere 
within this electron cloud, but, depending on their energy, they are more likely to be in that 
corresponding energy level. The energy levels are areas of higher density within the cloud. 


Quantum Numbers 


The probable location of one electron is based on four factors (variables in Schrodinger’s 
equations), each represented by a different letter: its principal quantum number (n), its 
angular momentum quantum number (/), its magnetic quantum number (m,)), and its spin 
quantum number (m.,). The first three numbers each refer to a probable location inside the 
electron cloud and get more and more specific. The last number refers to the direction of its 
movement (spin). Here is what each of these numbers means. 


The principal quantum number (n) is the ground state energy level of the electron. The 
lower the value of n, the closer the electron is to the nucleus. Allowable values of n must be 
positive integers equal or greater than 1. n=1,n=2,n=3 refer to the first, second, and third 
energy levels respectively. 


The angular momentum quantum number (/) indicates the sublevel where the electron 
is located. A sublevel is a volume of space inside the energy level. (You could think of a sublevel 
as a “section” inside an energy level.) An energy level can contain several sublevels, but they 
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can have different energies. There are four known sublevels: s, p, d, and f. (Theoretical 
sublevels of g and h do exist.) The s sublevel has the lowest energy, and the f sublevel has the 
highest. Different sublevels are possible within each energy level. / for an electron can be a 
positive integer ranging from 0 to n—1, and all possible values of / tell you the possible 
sublevels inside the energy level. 


This chart helps you understand sublevel organization within each energy level. 


E 
/= 2s 
/= 3s 


An atomic orbital is a (more) specific volume of space inside a sublevel. The magnetic 
quantum number (m,) indicates which space holds the electron of interest. An orbital can hold 
up to 2 electrons; any more, and the orbital would destabilize due to too much repulsion. The 
number of orbitals inside a sublevel depends on its value of /; all the orbitals inside the same 
sublevel are degenerate — they have an identical energy. 


Allowable values of m, depend on /, and its integers range from - /to + /. The values of m, 
aren’t important; what matters is the number of values. One value means one orbital exists in 
that sublevel. Three values mean three orbitals exist in that sublevel. This chart below helps 
you understand how to determine the number of orbitals inside a sublevel. 


Angular Momentum Quantum | Magnetic Quantum Numbers | # of Atomic Orbitals in that 
Number (I) Sublevel 


0 (s sublevel) 


{= 

|= 1 (p sublevel) 
| = 2 (d sublevel) m,= -2, -1, 0, 1, or 2 
| = 3 (f sublevel) m,= -3, -2,-1, 0, 1, 2, 3 
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Here is a visual representation of the atomic orbitals in each sublevel, s, p, d, and f. 


1So 
ee . © 
2P1 
eye & & < 
3dy2-y 2 3dxz 3do 3di 
as ee & € ¢ o 
Afxuesy:)  4foe-yaz Af x22 fo Af, 


An orbital can only hold up to two electrons, and because electrons repel each other, 
they move with opposite “spin” away from each other. So, two electrons in the same orbital will 
have the same n value, the same / value, and the same m, value, but they won’t have the same 
m, value. This is called the Pauli exclusion principle: no two electrons in the same atom can 
have the same four quantum numbers. There are only two allowable m, values: +% and -%. 


The rules for quantum numbers are summarized in the following chart*: 


31 “File:Atomic_orbitals _spat_ m- eigenstates_ and Lauipenppsttionts, png.” Wikimedia Commons, 2018, 


eensed under cc BY-SA 4.0: https://creativecommons.org/licenses/by-sa/4.0/legalcode. 


Quantum Numbers, Atomic Orbitals, and Electron Configurations." Quantum Numbers, Atomic Orbitals, and 
Electron Configurations. N.p., n.d. Web. 18 Dec. 2016. 
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Number of Orbital Number of 


nol my orbitals Name _ electrons 
1 O 0 1 ls 2 
2 0 0 1 2s 2 
1 -1,0,+1 3 2p 6 
3 0 0 1 35 2 
1 -1,0,+1 3 3p 6 
2 =2, -1, 0, +1, 42 5 3d 10 
4 0 0 1 4s 2 
1 -1,0, +1 3 4p 6 
2 -2, -1, 0; +1, +2 R) 4d 10 
a 3; 23-10, +1,72,453 7 4f 14 


Example: Does the electron with this set of quantum numbers exist? If it exists, which energy 
level and sublevel is it in? 
n=2,/=1,m,=0,m,=-% 


This set of quantum numbers follows all the rules, so this electron does exist. It exists in the 2p 
sublevel. (Since / = 1, the sublevel must be p.) 


Example: What could be an allowable set of quantum numbers for an electron in the 5g 
sublevel? 
“Sg” meansn=5and/=4. m,can be any integer from -4 to +4 and m, can be either + % or - %. 


You can pick any number for these last two quantum numbers as long as they are in range. So, 
an allowable set of quantum numbers for this electron could ben =5,/=4, m,=-1,m,=- %. 


2.07: Electron Configurations and Orbital Notation 


Learning Objectives: 


(3.A) analyze, evaluate, and critique scientific explanations 
(3.B) communicate and apply scientific information extracted from various sources 
(3.F) describe the history of chemistry and contributions of scientists 


(6.A) describe the experimental design and conclusions used in the development of 
modern atomic theory, including Dalton’s Postulates, Thomson’s discovery of electron 
properties, Rutherford’s nuclear atom, and Bohr’s nuclear atom 

e (6.D) express the arrangement of electrons in atoms of representative elements 
using electron configurations and Lewis valence electron dot structures 
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Quantum Numbers vs. Electron Configurations 


If a set of quantum numbers defines the probable location of one electron in an atom, 
an electron configuration shows the probable locations of a// the electrons in that atom. 
Here’s an analogy: a set of allowed quantum numbers tells you the address of ONE electron in 
the electron cloud of an atom, but an electron configuration tells you the addresses of ALL 
electrons in the electron cloud of the same atom. 


Writing an electron configuration generally follows the idea that electrons will fill 
orbitals in order of increasing energy: the “Aufbau principle”. The periodic table follows the 
Aufbau principle very closely - if you know where the s, p, d, and f blocks are, and know that the 
Aufbau principle makes you read the periodic table from left to right, then writing electron 
configurations is easier than you think. 


Read the periodic table, starting with hydrogen, from left to right until you reach the 
element of interest. List all the orbitals you pass through on the way. The number of electrons 


4” means there are four electrons in 


in the sublevel is indicated by a subscript: for example, “3p 
the 3p sublevel. However, the maximum number of electrons in a sublevel is 2 for any s 
sublevel; 6 for any p sublevel; 10 for any d sublevel; and 14 for any f sublevel. The maximum 
number of electrons in a sublevel is equal to the number of horizontal boxes in that block. By 
the way, unless otherwise indicated, none of the electrons are excited, so we say we are writing 


“ground state electron configurations.” 


Periodic Table of the Elements 
Orbital Shell Blocks 


2p} 
3p) 
40) 
5p) 
6p} 


33 Helmenstine, Anne Marie, Ph.D. "Identifying Element Blocks on the Periodic Table." ThoughtCo, Apr. 5, 2020, 
thoughtco.com/periodic-table-element-blocks-608788. 


162 


Example: What is the ground state electron configuration of oxygen, element #8? 


Hydrogen has the electron configuration 1s*. Helium is 1s*. Once you leave helium you are in 
the 2s sublevel. Passing through the 2s sublevel gives you 2s”. Reading from left to right means 
you will next enter the 2p section. Oxygen is the fourth box in the 2p sublevel. The ground 
state electron configuration of oxygen is 1s? 2s” 2p’. 


Alternatively, many students like to use the following “road map”** to write 
configurations using the Aufbau principle. The formal name for this road map is the 
“Klechkowski rule.” Read the map starting at 1s and follow the arrow. 


alee 
2s | 2p 
3s | 3p Ma 
4s | 4p | 4a | 4£ 

IS | BOT ml GL | BOs 5g 

6s | 6p | 6d 6f 6g 6h 

C7 ma a met rem ae et 


You can answer a lot of questions using the ground state electron configuration. 


Example: Write the ground state electron configuration for Al and indicate its valence energy 
level and number of valence electrons. 


1s* 2s* 2p° 3s” 3p’ is the ground state electron configuration for Al. 


The valence energy level isn =3. This is the highest energy level reached by any electron. 


The number of valence electrons is 3. (3s* has 2, 3p’ has 1. 2 + 1 = 3 valence electrons.) 
Example: Which element has atoms with a ground state electron configuration of 1s” 2s” 2p° 3s” 
3p° 4s’ 3d’? What will be the values of n and / for the 3d’ electron? What is the atom’s valence 
energy level and number of valence electrons? Which electron has the highest energy? 


34 “File: Klechkowski rule 2.svg.” Wikimedia Commons, 2007, 
https://commons.wikimedia.org/wiki/File:Klechkowski rule _2.svg. Licensed under CC BY-SA 3.0: 


https://creativecommons.org/licenses/by-sa/3.0/legalcode. 
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According to the Aufbau principle, this element is scandium, Sc. 
n=3and/=2 for the 3d’ electron. 


The valence energy level is n = 4. This is the highest energy level reached by any electron. 


There are two valence electrons in the only valence sublevel, 4s. The 3d’ electron has the 
highest energy because the highest energy orbital is 3d. It is last in the Aufbau order for this 
atom. 


An electron configuration where an electron or two seem to lie in higher-than-normal 
orbitals is an “excited state electron configuration”. The excited state configuration contains 
the same number of electrons as the ground state configuration does. This tells you its atomic 
number, so you can then identify it. One electron will look as if it has jumped up to a higher 
atomic orbital than it should be. The excited electron doesn’t leave the atom — it just moves to 
a different location within the electron cloud. 


Example: 1s* 2s? 2p’ is the ground state electron configuration for C. (6 electrons) 


1s* 2s? 2p’ 3s" is a possible excited state electron configuration for C. It has the 
same number of electrons as a ground state C atom. 


You do not have to come up with excited state configurations yourself. You do have to be able 
to recognize them when you see them. 


lons will have electrons added to or removed from the highest orbital — that is, the 
highest energy orbital in the highest energy level occupied by electrons. 


Example: 1s* 2s* 2p‘ is the ground state electron configuration for O. 
1s* 2s” 2p” is the electron configuration for the negative ion, O”. 
1s* 2s* 2p? is the electron configuration for the positive ion O*". 


Isoelectronic species are atoms and ions that have the same ground state electron 
configuration, but are from different elements. 


Example: Mg”* has the ground state electron configuration 1s?2s’2p°. This is the same as the 
ground state electron configuration for Ne, so Mg" and Ne are isoelectronic. 
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By the way, there will be many empty energy levels, sublevels, and orbitals in an atom. This is 
like a hotel or motel: at any given time, some rooms are occupied, and many are not. 


The Abbreviated (Noble Gas Core) Electron Configuration 


For elements nearer the bottom of the periodic table, it is tedious to write out the full, 
unabbreviated electron configuration. There is a shortcut: find the symbol of the noble gas 
coming immediately before your element, and write it in square parentheses, i.e., [Ne] for Al 
and [Kr] for Mo. Start at that noble gas and follow the Aufbau principle as normal. This type of 
configuration is called a noble gas core electron configuration, or sometimes just called the 
“shortcut” or “abbreviated” configuration.” 


Example: Write the abbreviated electron configuration for Nb. State the valence energy level, 
the number of valence electrons, and the highest energy sublevel. 


The noble gas in the period before Nb (element #41) is Kr. Write Kr in [ ] to show that the entire 
ground state electron configuration is represented by that symbol. Then, start writing the 
configuration with the next highest orbital after Kr, which is 5s. Nb is the third element from the 
left in the 4d sublevel. 


The abbreviated electron configuration for Nb is [Kr] 5s? 4d’. 


The highest energy level reached by any electron is n = 5, so that is the valence energy level. 
There are two valence electrons in this level. The highest energy orbital is in the 4d sublevel. 


Exceptions to Aufbau’s Principle 


The electron configurations of chromium and copper do not exactly follow the Aufbau 
principle either, largely because there is no other way to try to explain their observed charges. 
Chromium has the electron configuration [Ar] 3d° 4s’, and copper is [Ar] 3d*° 4s*. This is 
because a half filled or a completely filled inner energy level is more stable; also, chromium and 
copper do have observable charges of +1, which is understandable if there is a 4s electron that 
is removable. This exception also applies to molybdenum (in the chromium group) and silver 
and gold (in the copper group). It does not apply to any other element in these groups. 
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Orbital Notation 


Another way of representing an electron configuration is by drawing the orbital 
notation. The orbital notation uses arrows pointing up or down to stand for electrons; the up 
or down directions denote spin (+% for up, -% for down), and either a short horizontal line, a 
circle, or a box to represent an atomic orbital. The arrows can either be full or partial. 


Only two arrows, or electrons, can be in each orbital and must have opposite spin 
(remember, Pauli exclusion principle). Another way to state the Pauli exclusion principle is that 
no two electrons can have the same four quantum numbers, so two electrons in the same 
orbital have n, |and m, in common, but m, is different (+1/2 or -1/2). 


Moreover, if electrons are entering, one at a time, into orbitals of equivalent energy (i.e., 
into the three orbitals of the 2p sublevel), then they enter individually into each of these 
orbitals until they are forced to pair up. This is called “Hund’s rule.” Orbitals of the same energy 


level and sublevel are called “degenerate orbitals.” Oxygen 


For ee the orbital notation for oxygen 
1s 2s 2p 


(1s? 2s? 2p’) is 

In oxygen, there are three boxes for the 2p 
sublevel, since each box stands for each allowable value of m, (-1, 0, or 1), in that order. The 
first 2p box has m, = -1; the second 2p box has m, = 0, and the third 2p box has m, = 1. There is 
only one box for each of 1s and 2s because you can have only one orbital in each of those 
sublevels (/ = 0 for each sublevel, and m,=0 for the 1s and 2s orbitals). You can draw an orbital 
notation using the noble gas core as well. 


Example: What are the four quantum numbers for the circled electron in the orbital notation 
below? How does this notation follow the Aufbau principle, the Pauli exclusion principle, and 
Hund’s rule? 


1 Wb Vd Ww 1/1 
1s 23 2p 3 


35 "Hund's Rules." Chemistry LibreTexts. N.p., 21 July 2016. Web. 18 Dec. 2016. Licensed under CC BY NC SA 3.0: 
https://creativecommons.org/licenses/by-nc-sa/3.0/us/legalcode 
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The circled electron is in the 3p sublevel, son = 3 and/=1. The possible values of m, are -1, 0, 
or +1, and the circled electron is on the second line, so m,=0. The arrow is pointing up, so m, = 
+1/2. 


The Aufbau principle is shown by the fact that the orbitals are listed in order of increasing 
energy from left to right in the correct sequence. 


The Pauli exclusion principle is shown by the fact that two arrows (electrons) in the same orbital 
are pointing in different directions. For instance, look at the two arrows in the 1s orbital. These 
two electrons have the same n, /, and m,value, but different m, values. 


Hund’s rule is shown in the 3p sublevel section, where three electrons are shown in individual, 
degenerate, 3p orbitals, and all three electrons are pointing up (m, = +1/2). 


By the way, this atom would come from the element phosphorus (1s” 2s? 2p° 3s? 3p’). Its 
valence energy level is n = 3 and it contains a total of 5 valence electrons, two from the 3s 
sublevel, and three from the 3p sublevel. 


2.09: The Periodic Table and Chemical Famili 


Learning Objectives: 


(2.H) organize, analyze, evaluate, make inferences, and predict trends from data 
(2.1) communicate valid conclusions supported by the data 

(3.A) analyze, evaluate, and critique scientific explanations 

(3.B) communicate and apply scientific information extracted from various sources 
(3.F) describe the history of chemistry and contributions of scientists 


(5.A) explain the use of chemical and physical properties in the historical development of 
the Periodic Table 
(5.B) identify and explain the properties of chemical families 


(6.D) express the arrangement of electrons in atoms of representative elements using 
electron configurations and Lewis valence electron dot structures 


The Organization of the Periodic Table 


The periodic table is the eponymous symbol of chemistry and a massive landmark in the 
history of science. Its modern organization consists of vertical columns of elements in 
increasing atomic mass order listed from top to bottom. Each vertical column is called a group. 
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Historically, all groups were given notation with a number and a letter (i.e., Group 3A or Group 
IB), but IUPAC has since changed it to a straightforward numerical order, Groups 1 to 18. 


STAAR GRADE 8 SCIENCE 
REFERENCE MATERIALS 


PERIODIC TABLE OF THE ELEMENTS 


Atomic number 14 


Symbol Ss i 
Atomic mass 28.085 
Silicon Name 
3 4 5 6 7 8 9 10 W 
3B 4B 5B 6B 7B 8B 1B 
21 22 23 24 25 26 27 28 29 
Sc Ti Vv Cr Mn Fe Co Ni Cu 


30.098 | 40.078 | 44956 | 47.067 | soos | s1.906 | sacs | sseas | seas | sacss | casac 
Potassium | Caicium_| Scangim | titanium | vanadium crromum [Manganese | ron | _Coban_|_Nicket_| Copper 
37 38 
5 | Rb Sr 
85.468 87.62 
rubidium | strontium | yetsum | zircon m_ | _ Niobium 
55 56 
6 | Cs Ba 


13291 | 137.33 
Ce Bariu 


lyodenum| Technetium | Ruthenium | Rhodium | Palladium 


Rhenium 


87 88 


7 Fr Ra 


Lanthanide Series 


Actinide Series 


36 Updated 2017 
Source: International Union of Pure and Applied Chemistry 


All representative elements, or main group elements (i.e., elements that are not 
transition elements) in a single group have the same number of valence electrons and similar 
(though not identical) physical and chemical properties. Thus, all atoms of elements in the 
same group will have the same possible charge when they are stabilized. All Group 1 elements 
will have atoms with a charge of 1+, and all Group 16 elements will have atoms with a charge of 
2-. The charge, positive or negative, depends on whether that atom needs to lose or gain 
valence electrons to acquire chemical stability. If you read down a group, their valence energy 
levels will gradually increase by 1. 


Elements in the same period, or row, have the same valence energy level. For example, 
all elements in the second period have atoms with a valence energy level of n= 2. As you read 
across one period, their atomic numbers all increase by 1, and the atomic masses generally 
increase as well. (There are exceptions.) 


36 Texas Education Agency. “Grade 8 Science Reference Materials.” 
https://tea.texas.gov/sites/default/files/RefMat-ScienceG8 062918 ADA.PDF. 2007-2020. 
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Chemical Families 


Most elements on the periodic table are metals. They are located primarily on the left 
and the middle of the periodic table, ending just under the “stairstep” line that most periodic 
tables show - in the “s-block”, the “d-block” (the transition metals), and the “f-block” (the 
lanthanides and actinides, also called the inner transition metals). There are a few metals in 
the p-block as well (ex. lead, Pb). 


All metals are lustrous (shiny), malleable (flexible, formed into foil or statues), ductile 
(can form a wire) and are highly thermally and electrically conductive. Most metals are grayish 
in color. Only one metal is liquid at room temperature (mercury, Hg); the rest are solid. (Room 
temperature is defined as 25 °C or 298 K.) 


All metal atoms lose their valence electrons completely to stabilize. Once the valence 
electrons are gone, an inner energy level is exposed, and this new valence level is completely 
full. Full valence levels (i.e., full s and p sublevels) are associated with chemical stability. The 
most reactive metals — alkali metals and alkaline earth metals — are so reactive because they 
need to lose one or two electrons before they become chemically stable (i.e., full s and p 
sublevels). 


Nonmetals are all located to the right of the stairstep line, except for hydrogen, H. They 
all occupy what we call the “p-block” of the periodic table. In contrast to metals, they are not 
lustrous, not malleable, not ductile, and not conductive. If they are solid, they are brittle and 
make excellent insulators. They show a wide variety of colors - yellow, red, green are all 
observed. The only liquid element at room temperature is bromine, Br; the rest are solid or 
gaseous. The diatomic elements are elements whose representative particles are all molecules: 
hydrogen (H,), nitrogen (N,), oxygen (O,), fluorine (F,), chlorine (Cl,), bromine (Br,) and iodine 
(I,). All of them are nonmetals. 


All nonmetal atoms gain valence electrons to stabilize chemically. The most reactive 
nonmetals — the halogens — need to gain only one more valence electron to attain a full valence 
energy level (i.e., full s and p sublevels). Noble gases already have full valence energy levels 
(i.e., full s and p sublevels), so they are all chemically unreactive and “stable.” 


Metalloids, or semi-metals, are found in the p-block and straddle the stairstep line and 
have properties of both metals and nonmetals. Many are brittle and non-lustrous, but also 
conduct electricity and heat. Depending on what atoms bond with them they will either gain or 
lose valence electrons for chemical stability and thus can have either positive or negative 
charges. 
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Within this general framework, we can further define specific chemical families based on 
their physical and chemical properties. If some of these properties are unfamiliar sounding to 
you, know that they will be more thoroughly explained later. 


Group 1 — alkali metals (the most reactive metal elements) (except hydrogen (H)) (s-block) 


e@ 1valence electron; charge of 1+ 

most reactive metals on the periodic table 

very soft, stored in oil to prevent (violent) explosive reaction with water 

called “alkali” because they form high pH “alkaline” solutions after reacting with water 
largest atomic radii on the periodic table 

smallest first ionization energy on the periodic table 


lowest electronegativity and electron affinity on the periodic table 


Group 2 - alkaline earth metals (s-block) 
e@ 2valence electrons, charge of 2+ 
e Reactive, but not as reactive as Group 1 
e Found in Earth’s crust as ores and form alkaline solutions with water, hence the name 


Groups 3-12 - transition metals (d-block) 
e variable numbers of valence electrons, therefore variable (positive) charges 
e high melting and boiling points 
@ many have useful properties that are highly valued for industry, the arts, and finances 


Group 17 - halogens (p-block) 
e 7valence electrons; charge of 1- 
Most reactive nonmetals on the periodic table 
Range from gas at room temperature (25 °C or 298 K). 
at the top of the group (fluorine) to solid at the bottom (astatine) 


Many are colored at room temperature (F = yellow, Cl = green, Br = red, | = forms purple 
vapor) 


All form diatomic molecules except for astatine 
Highest (negative) electron affinity on the periodic table 
Highest electronegativity on the periodic table 


Group 18 - noble gases (p-block) 
e@ 8valence electrons except for helium, He (=2 valence electrons); charge of 0 
e Chemically stable and unreactive 
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e All gases at room temperature (25 °C or 298 K) 
e Smallest atomic radii on the periodic table 
e Largest first ionization energy on the periodic table 


Lanthanides and actinides (f-block) 
e All are metals and thus have all the properties of metals 
e Many are artificial and/or radioactive 


The History of the Periodic Table - Mendeleev and Moseley 


The first element to be discovered, in the Western tradition, was phosphorus. In 1649, 
while working on the “Philosopher’s Stone” problem (converting common elements into gold), 
Hennig Brand discovered phosphorus by distilling human urine. From that point forward, 
elements such as oxygen and nitrogen were discovered and published about in rapid 
succession. Antoine Lavoisier published a list of the elements known to him in one of his books. 


It was then noticed that “triads” of elements, such as chlorine, bromine, and iodine, had 
similar physical and chemical properties, and that the middle element in a triad had an atomic 
mass that was the mean (average) of the outlying elements in the same triad. This “law of 
triads” was published by Johann Dobereiner in 1829. In 1864, John Newlands’ “law of octaves” 
stated that elements differed in atomic mass by eight will have similar properties. (Read across 


one row to find an octave.) 


No.| No} No. No. No. No. No! No. 
H1F_ 8i/Cl 15\Co & Ni2zz'Br 29\Pd 3611 42, Pt &Ir 50 
Li2zNa g/K r6/Cu 23/Rb 30jA 37\Cs 44.05 su 

G 3/Mg 10/Ca 17/Zn 24/Sr 311i 38|Ba &V 4s Hg 52 
Bog Al 11/Cr 19/¥ 25\Ce & La 33\}U 40\Ta 46.Tl 53 

C sSi 312/Ti 18|In 26/Zr 32/8n 39] W 47 Pb 34 

N 6P 13|Mn 20j/As 27,Di&Mo34/Sb 41i\Nb 43 Bi 5 

O 7\S 14!Fe 21\Se 28'Rod&RujsiTo 43/Au 49 Th 56 |37 


Dmitri Mendeleev is not the first scientist to ever come up with a periodic table. It was 
recognized very early on that we would need to organize all known elements in a concise and 
logical way and be able to place new elements in the table somewhere as they get discovered. 
The first periodic tables, as we have seen, attempted to list them in order of increasing (smallest 


37“Nlewlands' Table of the Elements.” John Newlands (Chemist), Wikimedia Commons. 


ng. Public domain. 
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to larger) atomic mass and had some understanding that the arrangement correlated roughly to 
their properties. 


Mendeleev’s periodic table, first published in 1869, is given the lion’s share of credit 
historically because his table was, in short, the most useful. Here is his 1871 version, after he 
reversed the groups and periods of his first version.*® 


Gruppo VII 


Gruppo I. | Gruppo IL. 


1 M=1 

2 |Li=7 Be=—9,4 B=11 iC=12 N=14 O=16 Fo=19 

8 Na=23 Mg=24) Ale= 27,3) Six 28 P=3)1 8=32 Cl= 35,5) 

4 |K=39 Cas 40 — a 44 Tix 48 Vee51 Cr 62 Mne= 65 For66, Co=69, 
Ni=69, Cu=63. 

5 (Ca=63) Zn= —=68 —=72 = 75) So=73) Br=80 

G |Rb=66 Sr==87 ?Y¥t= 88 Zr= 90 Nb= 94 Mo=96 i—== 100 u== 104, Rh=104, 
Pa=106, Ag=108. 

7 (Ag= 108) Ci=112 In= 113 Sa==118) Sb= 122 Tom 125 J== 127 

8 (Ca==193 Ba=187 [2Di=198 Co==140 _ _ = -— = = = 

0 ~ - - - - - 
1 |— — ?Ec==178 |?La==180 ‘a= 182 W == 184 = Os—=195, Ir—197, 


Pt=198, Au=199, 
11 | {Au=2199)} Mg==200} ‘Ti==204) Pb= 207] Bi=s203 _ _ 
12 |— = - =231 - U=240 oa ---- 


What is notable about Mendeleev’s periodic table is a deliberate “skipping” of elements. 
He arranged elements in order of increasing atomic mass and elements were listed together if 
they had similar properties, but he also left spaces (see elements #68 and 72 in his table) 
because these represented elements he strongly felt existed but were unknown and 
undiscovered at the time. He left these spaces there because there was, he felt, too big of a gap 
in the atomic masses and the pattern of properties otherwise. For now, he named them 
“eka-aluminum” and “eka-silicon” as a tribute to Sanskrit scholars (eka = first). A third, 
“eka-boron”, was also so listed. 


Mendeleev’s periodic table gained a lot of credibility when gallium (#68 in his table) and 
germanium (#72 in his table) were discovered. Any discrepancies in his periodic table’s 
predictions of atomic mass and properties were, so Mendeleev very stubbornly and publicly 
argued, due to experimental errors made by those scientists. When those experiments were 
repeated, Mendeleev’s original predictions were found to be correct. The story of “eka-boron”, 
or scandium, is similar. 


38 “Mendeleev's 1871 Periodic Table of the Elements.” Dmitri Mendeleev, Wikimedia Commons. 


1871, png. Public domait. 
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Mendeleev also deliberately placed Te and | out of order in his periodic table. The 
atomic mass of tellurium, Te, is higher than iodine, | (you should check!). He did this to ensure 
that tellurium and iodine would have similar properties to other elements in those groups. If 
switched, the atomic mass order would be correct, but the properties would not match. The 
same thing happens to cobalt and nickel. 


The ultimate downfall of Mendeleev’s table is that it did not explain why or how these 
patterns exist. He had no interest in knowing how or why, which is why his periodic law 
(“properties of elements are periodic functions of their atomic masses”) is a law and nota 
theory. 


In 1913, Henry Moseley showed that there was a mathematical relationship between 
the X-ray spectra produced by crystalline metals and those metals’ atomic numbers. The 
wavelength and the atomic number are directly correlated. The results of Moseley’s 
experiments explained why the cobalt-nickel and tellurium-iodine situations exist; cobalt (#27) 
and nickel (#28) are in those places because they have 27 and 28 protons and that is backed up 
by repeatable experimental results relating the structure of the atom to the order of elements 
on the periodic table. Thus. the modern periodic law is restated as “The properties of 
elements are periodic functions of their atomic numbers.” 


2.10: Periodic Trends 
Learning Objectives: 
(2.H) organize, analyze, evaluate, make inferences, and predict trends from data 


(2.1) communicate valid conclusions supported by the data 
(3.B) communicate and apply scientific information extracted from various sources 


(5.A) explain the use of chemical and physical properties in the historical development of 

the Periodic Table 

e (5.B) identify and explain the properties of chemical families, including alkali metals, 
alkaline earth metals, halogens, noble gases, and transition metals, using the Periodic 
Table 

e (5.C) interpret periodic trends, including atomic radius, electronegativity, and ionization 

energy, using the Periodic Table 
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The Effective Nuclear Charge and the Shielding Effect 


Because the electrons are laid out in such a regular fashion, the properties of the 
representative elements (the s and p blocks) follow regular periodic trends, or “repeating 
patterns”. Before we talk about some of these trends, we need to discuss a few terms. 


Valence electrons are the electrons in the highest principal energy level. However, there 
are inner, core energy level electrons, which exist and move in the interior energy levels. All 
periodic trends depend on the attraction of the valence electrons to the nucleus and the effect 
of the core electrons on this attraction. The attraction itself is an electrostatic, Coulombic 
attraction (attraction of positive to negative) and can be explained in two ways: effective 
nuclear charge (Z,,;) and the shielding effect. 


Effective nuclear charge (Z.,;) is the net positive charge experienced by a particular 
electron in an atom from the nucleus. A greater Z., means a greater attraction between the 
electron and the nucleus, implying a stronger pull on that electron from the nucleus. There are 
two factors that affect the strength of Zo: 


- the number of protons in the nucleus, and 
- the number of core electrons that shield the electron of interest. 


Within the same period, atoms of elements closer to the right have greater Z,.,than 
atoms of elements closer to the left. Those right-hand atoms have valence electrons attracted 
more tightly to their nuclei than the left-hand atoms, because the number of protons is 
increasing as you move from left to right in the same period. The number of core electrons 
remains the same among elements in the same period. 


Electrons outside 

have no effect on 
effective nuclear charge 
for electron of interest. 


Positively charged nucleus 


Electron of interest 
Electrons between electron 


of interest and nucleus cancels 
some of the positive 
nuclear charge. 39 


https://commons.wikimedia.org/wiki/File:Effective nuclear charge diagram.svg. Public domain. 
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Within the same group, the number of protons in the elements (moving from top to 
bottom) does increase, and so does the number of core electrons, which effectively “shield” the 
nucleus from valence electrons: this counteracts the additional protons as you move downward. 
This shielding effect is the phenomenon where core electrons act to offset, or screen, the 
positive charge of the nucleus as seen by an electron further away. The greater shielding effect 
of elements further down a group means that Z.,, values further down the group do not vary 
much. Instead, electrons in higher and higher energy levels (larger n values) feel less attraction 
to the nucleus because they are (on average) farther and farther away from it. 


One way to imagine the shielding effect is to think of being at a concert or theater 
performance. If you are in the front row, you have full access of sight and sound to the artists. 
As the number of rows and spectators (energy levels and shielding) between you and the stage 
increases, your view and quality of sound decreases, even if the performances are getting 
bigger, too. Valence electrons for atoms near the bottom of a group experience a performance 
from “the back row.” 


As the number of core electrons increases, the net positive charge felt on the valence 
electrons decreases. Shielding remains constant across a period while the proton count grows. 
Shielding and the proton count counteract one another down a group, but the outermost 
energy level is farther from the nucleus. In short, Z.¢ is used to explain a trend seen within a 
period, and energy level (and therefore distance) is used to explain a trend within a group. 


Atomic Radius 


Atomic radius is one-half the distance between the two nuclei in a molecule consisting 
of two identical atoms. An atom with a large atomic radius is large because it has many energy 
levels and many core electrons in those interior levels. We use atomic radius as an indicator of 
atomic size in general. We measure atomic radius (r) in pm (i.e., picometers); consult your 
metric prefixes and conversion factors on pg. 42 if you need to. 
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Notice the trend is for atomic size to increase as you go down a group, and for atomic size to 
decrease as you move across a period. The following graphic illustrates this atomic radius trend 


very well. 


Increasing atomic radius 


1A 2A 3A 4A 5A 
H 
Co 
37 
Li Be B c N 
@ e@eee 
152 112 8s 77 70 
Na Mg Al Si P 


Increasing atomic radius 


6A 7A 8A 


He 
se 
31 
Oo F Ne 
oe oe ® 
73 72 70 
s cl Ar 
@®@ @ 
103 99 98 
Se Br Kr 
117 114 112 


As you move across the second period of the periodic table, the energy of the valence 
electrons remains approximately constant. The effective nuclear charge, however, increases. 
The electrons are being pulled toward the nucleus more strongly on the right side of the table 


and thus the radii decrease as one moves from left to right. 


The atomic radius increases down a group due to an increase in the number of total 


energy levels. As energy levels are added, what were once valence electrons become core 
electrons and therefore the number of core electrons increase. This results in greater shielding 
and a decrease in the net positive pull from the nucleus. As shielding increases pull decreases, 


and the radius of the atom is going to increase. 


under CC BY-NC-SA 3.0: https://creativecommons.org/licenses/by-nc-sa/3.0/legalcode. 


. Licensed 
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To sum it up, atomic radius decreases from left to right across a period due to an 
increase in Zand increases down a group due to an increase in n value, resulting in a reduction 
of the pull from the nucleus. 


Before we get to practice problems, let’s discuss some strategy. Just stating the trend as 
an explanation is not an explanation. “The trend is that atomic radius gets larger...” will always 
earn zero points. Instead, you should show off your knowledge of scientific principles, such as 
Z.¢, Coulombic attraction, electron repulsion, etc. and use them to explain the situation in all 
the atoms that are being compared. 


You do not need to write in complete sentences. However, always end with a statement 
of how your argument affects atomic radius, for example: “A large amount of electron repulsion 
causes electrons to stand away from each other, which makes the atomic radius larger” or “A 
greater number of protons increases the pull on the surrounding electrons, making them stand 
closer together and decreasing the size of the atom.” 


Example: Which element has a smaller atomic radius, Cl or Ar? Explain your answer using 
relevant concepts. 


A Cl atom has 17 protons, and an Ar atom has 18 protons. They are in the same period. The Ar 
nucleus will have a higher effective nuclear charge because it has more protons than Cl. Ar’s 
greater Z.;, increases the pull on its electrons, compared to Cl, which has a weaker pull on its 
electrons. The increased pull of the electrons in Ar causes its electrons to be physically closer to 
the nucleus, which makes its atomic radius smaller than Cl. 


lonic Radius 


An ion is a charged atom that differs in the number of electrons, compared to the 
neutral atom. A negatively charged ion is an anion, and a positively charged ion is a cation. if 
the substance has fewer electrons than its neutral counterpart, it will have a net positive 
charge. If it has more electrons than protons, it will have a net negative charge. 


When an ion is positively charged, the net positive charge on the electrons is greater 
than its atom. This is going to increase the pull on the electrons from the nucleus. The 
increased attractions pull the electrons in closer and causes the radius to decrease in size. 
Cations, positive ions, are smaller than their atoms. 
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The more negative charge an ion has, the less tightly the electron is held. Like charges 
repel. As more electrons are added to the same energy level, without an increase in protons, 
the electrons position themselves as far from each other as possible, increasing the size of the 
electron cloud. Due to repulsions with other electrons, the electron cloud spreads out, causing 
the ion to be larger. Anions, negative ions, are larger than their atom. Metals tend to form 
cations, and nonmetals tend to form anions. 


The following graphic depicts the general trends for ionic radius. Within a group, the 
addition of principal energy levels results in increased shielding from the nucleus. The ionic 
radius increases down a group regardless of whether the elements are metals or nonmetals. 
Note that there is a large increase in radius when the metals gradually cede to nonmetals across 
a period. Nonmetals tend to gain electrons for chemical stability, and the elements of group 15 
(nitrogen and the like) need to gain three electrons to do this. 


Size of Atoms and Their lons in PM 


Group 1 Group 2 Group 13 Group 16 Group 17 
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When comparing a neutral atom and its corresponding ion (ie. N and N® ), it is 
appropriate to use the arguments of Coulombic attraction (more specifically, Z.) and electron 
repulsion. You cannot use shielding effect as an argument because electrons are being added or 
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taken away from the valence electron level; thus, the atom and its ion both have the same 
amount of shielding experienced by its valence electrons. 


For the example of N and N*, N* has a larger radius than N because it contains three 

more electrons than N, so its amount of electron repulsion is much larger than in N. This causes 
electrons to stand further away from each other and expands the size of the electron cloud. 
You could also say that N has a greater Z,,, than N*, making the N radius smaller; this is because 
the seven protons in N have a strong pull on its seven electrons, making the electron cloud in N 
smaller. The seven protons in N* have a weaker pull on its ten electrons, compared to N, so the 
electron cloud in N® is larger and expands its radius. 


Adding or removing electrons can have a huge effect on the radius, depending on where 
the electrons came from. Consider where the electrons are being added to or being removed 
from. Adding to or removing electrons from the same energy level will cause the expected 
increase or decrease in radius for every electron involved. However, there can be a larger than 
expected change if the electron in question is being added to or removed from an inner level. 


For instance, removing the one valence electron from a Na atom produces Na’, which 
decreases the radius, as expected. Removing a second electron from Na’* will be much more 
difficult because that second electron comes from an inner energy level, not the valence level. 
The inner energy level is physically closer to the nucleus and experiences a much stronger pull 
from the nucleus. Producing Na”* can be done (and will continue to decrease the radius) but it 
is very unlikely to happen in nature. 


Isoelectronic ions all have the same electron configuration but have different atomic 
numbers. Since they all have the same number of electrons, the number of protons will 
ultimately determine the radius. A greater number of protons increases the Z,4 and makes the 
radius smaller. For example, Kr and Sr** are isoelectronic, and both have an electron 
configuration of [Ar]4s2 3d*° 4p°. Sr**, however, has two more protons, so the radius of Sr’* will 
be smaller than the radius of Ar, due to an increased Z,, pulling its electrons in close to the 
nucleus. 


First lonization Energy 


First ionization energy is the energy required to remove a single valence electron from a 
neutral atom in the gaseous state, measured in units of kJ/mol. For the purposes of our course, 
it will be the last electron placed in the atom. First ionization energy is an indirect 
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measurement of Z.., since energy must be absorbed by that atom in order to break the 
attraction and release the electron. The equation below shows the ionization of an element, M. 


: 7 
M (7 M"gtie 


Because an electron is being removed, the ionization results in the formation of a cation. 
Elements that have high ionization energies tend to form anions, and elements with low 
ionization energies tend to form cations. 


15 


lonization Energy (eV) 
ray 


0 10 20 30 40 50 60 70 80 90 100 
Atomic Number 42 


Referencing the image above, which represents periods 1-5, notice that the ionization 
energy increases across a period and decreases down a group. The ionization energy decreases 
down a group because the outermost (valence) electron occupies a high energy level. At higher 
energy levels, the effects of shielding increases, and less pull is felt from the nucleus, resulting in 
a small amount of energy required to remove the electron. Moving across a period, the 
electron feels a greater attraction to the nucleus, due to increasing numbers of protons in that 
nucleus (i.e., increasing Z,.) and the energy required to remove the electron increases. 


There are two contradictions going against the first ionization energy trend found in 
every period, starting with the second period: B vs. Be, and O vs. N. To explain why these occur, 
we need to look at the orbital notation of those elements. 


42 Hall, RJ. “File:lonization Energies.svg.” File:lonization Energies.svg - Wikimedia Commons, 
commons.wikimedia.org/wiki/File:lonization_energies.svg. Licensed under CC BY-NC-SA 3.0: 
https://creativecommons.org/licenses/by-nc-sa/3.0/legalcode. 
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 f) yn O 


Be: 1572s? B: 1s?2s?2p* 


In the above example, Be has a full 2s sublevel, and B has one electron in the 2p 
sublevel. The electrons in question are being removed from different sublevels. The 2p 
sublevel is physically a little further away from the nucleus than the 2s sublevel, so the 2p 
electron in B experiences less attraction to its nucleus (despite that nucleus having one more 
proton than in Be). The 2s electrons in B also shield the 2p electron from the nucleus, further 
reducing nuclear attraction. The 2s electron in Be is physically closer to its nucleus, so it feels 
more attraction and more energy needs to be applied to release it. Both factors — distance and 
shielding — cause the first ionization energy of B (about 799 kJ/mol) to be lower than the first 
ionization energy of Be (about 900 kJ/mol). This contradictory decrease in ionization energy can 
always be seen between at the transition from the s to the p subshell. 


Now let’s look at the discrepancy found between nitrogen and oxygen. 


ye tt be ,e ott 


N: 1s?2s?2p? O: 1s72s*2p* 


The ionization energy for O is lower than expected, despite the increase in atomic 
number. This is entirely due to electron repulsion in the first 2p orbital of O. Increased electron 
repulsion in this orbital decreases nuclear attraction in the O atom, causing the first ionization 
energy of O to be smaller than that of N since less energy will be absorbed to release the 
valence electron in O. Therefore, the 2p electron in N feels more nuclear attraction than the 2p 
electron in O. The 2p electrons in both N and O are shielded by their full 2s sublevels, so 
shielding cannot be used as an argument to explain this contradiction. 


The higher the ionization energy is the harder is it to remove the electron and the more 
attraction there is from the nucleus to the electron. 
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Higher lonization Energies (2nd, 3rd...) 


When considering removing electrons beyond the first electron, one needs to look at the 
energy level where those electrons reside. IE = ionization energy. 


Mg () — Mg") + e- IE, = 735 kJ/mol Removal from 3s? leaving a configuration of 3s’ 
Mg" ~) > Mg”) +e IE, = 1445 kJ/mol The last electron is removed from 3s leaving 2p° 
Mg”) > Mg.) + & IE; = 7730 kJ/mol To remove a 3rd e would change the configuration 


a stable 2p° to an unstable 2p° 


Notice three facts from the data: 


e Anelectron is always more stable around a nucleus. Therefore, the atom always absorbs 
energy to remove an electron. You must break the attraction between the nucleus and 
that electron to remove that electron, which requires energy absorption. 


e Every subsequent removal of an electron takes more energy. This is because with each 
additional charge, the remaining electrons are held tighter due to an increase pull from 
the nucleus. 


e The value for IE, skyrockets. That third electron belongs to an inner energy level. This is 
experimental proof for the existence of valence electrons; the first and second electrons 
belong to the valence level, and the third electron experiences much stronger Coulombic 
attraction to the nucleus. 


Electronegativity (EN) 


Electronegativity is the relative ability of an atom to attract electrons while 
simultaneously being in a chemical bond. It is assigned a numerical value of 3.98 or less. 
Fluorine’s small size (due to an increased pull from the nucleus, or large Z,,) ensures that it will 
have the highest electronegativity of all elements on the periodic table. Conversely, francium’s 
large size and high degree of shielding prevents it from attracting electrons and it will have the 
lowest electronegativity. Noble gases are typically assigned an electronegativity of 0.0 because 
of their full valence energy levels and stable configuration. 
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Electronegativity tends to increase across period and decrease down a group. To 
remember this more easily, fluorine is the most electronegative and electronegativity decreases 
in all directions from fluorine. 


‘Be PAULING ELECTRONEGATIVITY VALUES a 


i 


Electron Affinity 


Electron affinity is the energy associated with a neutral atom in the gas phase gaining an 
electron to form a negatively charged ion in kJ/mol. It is the opposite of ionization energy. 


Mgt1e >M @ 


Electron affinities (EA) can be either negative or positive. Since we have not covered 
thermochemistry yet, know for now that the negative signs do NOT mean negative energy. 
(There’s no such thing as negative energy in chemistry.) When comparing electron affinities, 
look at absolute values and disregard all negative signs; a negative sign indicates the energy is 
being released. 


on Auyeung, Christopher. “Periodic Trends: Electronegativity.” CK, CK-12 Foundation, 19 Apr. 2019, 
www.ck12.org/c/chemistry/periodic-trends:-electronegativity/lesson/Periodic-Trends:-Electronegativity-CHEM/?ref 
errer=concept_details. Licensed under CC BY-NC-SA 3.0: 
https://creativecommons.org/licenses/by-nc-sa/3.0/legalcode 
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Conversely, a positive sign means the energy is being absorbed. We observe large, 
negative electron affinities for elements that easily form attractions to incoming electrons — in 
other words, for nonmetals. Nonmetal atoms “want” to form new attractions, so they release 
large amounts of energy when the new attraction forms; this loss stabilizes the new ion. 


8A 


44 


EAs don’t change significantly as you move down a column but do become more 
negative as you move across a row. In general, when going across a period from left to right, 
the valence electrons feel a greater effective nuclear charge. Since the additional electron will 
be more stable in the atom, more energy is released, and the EA value will be more negative. 
The larger the value of EA is, the more stable the ion is formed. If energy needs to be added, 
the formation of that ion is not favorable. 


Notice that nitrogen should be more negative than carbon but isn't. Once again, we 
should look at the electron configuration below. 


44 Auyeung, Christopher. “Periodic Trends: Electron Affinity.” CK, CK-12 Foundation, 19 Apr. 2019, 
www.ck12.org/c/chemistry/periodic-trends:-electron-affinity/lesson/Electron-Affinity-CHEM/?concept. Licensed 
under CC BY-NC-SA 3.0: https://creativecommons.org/licenses/by-nc-sa/3.0/legalcode 
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N 1s°2s*2p? 


The addition of an electron automatically increases electron repulsion in the first 2p 
orbital of N. This is energetically less favorable (endothermic) and therefore not likely going to 
occur. 


The elements with the highest negative electron affinity are the halogens. They release 
the most energy in kJ/mole when they ionize because a new attraction between the new 
valence electron and the nucleus is most easily formed. (Bond formation, or force attraction is 
exothermic.) Metals have the lower electron affinities because their inclination is to lose 
electrons, not gain them. Down a group, the EA’s decrease because the shielding effect 
increases, and the nucleus becomes less and less able to attract and hold new electrons. 
However, note that noble gases have 0 electron affinities (and electronegativities) since they 
already have full valence energy levels and thus do not form new attractions to incoming 
electrons. 


Unit 3: Chemical Bonding 


Common Polyatomic lons Reference 


3.01: lonic and Metallic Bonding Concepts 


Learning Objectives: 
e (2.H) organize, analyze, evaluate, make inferences, and predict trends from data 


(2.1) communicate valid conclusions supported by the data 

(3.A) analyze, evaluate, and critique scientific explanations 

(3.B) communicate and apply scientific information extracted from various sources 
(7.C) construct electron dot formulas to illustrate ionic and covalent bonds 


(7.D) describe metallic bonding and explain metallic properties such as thermal and 
electrical conductivity, malleability, and ductility 
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Properties of Metals and Metallic Bonding 


Metals are elements with a very low first ionization energy, very low electronegativity, 
and have atoms with a large atomic radius. They are found in all blocks of the periodic table 
and get positive charges when they lose valence electrons to stabilize - that is, hey become 
cations as they attain a noble gas electron configuration. These cations can go on to form ionic 
bonds with nonmetal anions. 


The properties of metals include: 


high luster, malleability, and ductility 

exhibiting the photoelectric effect 

excellent thermal and electrical conductors 

varying reactivity with nonmetals; the most reactive metals are the alkali metals 


One theme of this unit is explaining the properties of elements and compounds based 
upon aspects of their physical structure. The model we use to understand the structure of a 
metal is called the “sea of electrons” model. The metal atoms inside of a metal are said to have 
metallic bonds between them. Imagine the metal nuclei as fixed in place, and the valence 
electrons of all the metal atoms in that structure will drift and float freely throughout it, from 
one nucleus to another. A metallic bond consists of the attraction between these free-flowing 
valence electrons and the metal nuclei. All the metallic bonds hold the metal together. 


In essence, the electrons don’t “belong” to one nucleus exclusively - they are shared 
amongst all the nuclei. We call these delocalized electrons. The delocalized electrons buffer 
the fixed metal nuclei away from each other, preventing them from ever contacting each other. 
It also spreads applied force throughout the structure, so the structure bends in response to 
force — it doesn’t break or shatter. 
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Metallic Bonding 


Swarm of delocalised electrons 


The outer electrons are so weakly bound to metal atoms that they are free to roam across the 


entire metal. Having ‘lost’ their outer electrons, individual metal atoms are more like positive 
45 s 


ions in a Swarm Of Communai electrons 


Alloys are solid, metallic homogeneous mixtures. Alloys are usually how we encounter 
metals. Brass, sterling silver, and stainless steel are all alloys. The process of forming the alloy 
makes its structure harder and more durable, yet still soft enough to make jewelry and 
tableware; the other properties of metals remain the same. 


There are two types of alloys: interstitial and substitutional. An interstitial alloy 
contains at least two metals, one of which has atoms of a smaller atomic radius than the other. 
The smaller atomic radius atoms are dispersed in the spaces between the metal atoms of the 
larger radius. For example, an interstitial alloy could consist of Li* and Pb**; the (much smaller) 
Na‘ cations can linger in the spaces between the larger Pb”* cations. A substitutional alloy has 
atoms of the second metal replacing some of the atoms of the first metal. To facilitate this, the 
metal types in a substitutional alloy must have similar radii (i.e., Cu** and Zn”*). In both types of 
alloys, however, valence electrons from both metals are present and moving around freely. 


Properties of lonic Compounds and lonic Bonding 


An ionic bond is formed by the Coulombic electrostatic force of attraction between 
metal cations and nonmetal anions. The metal atom(s) has/have lower electronegativity, so it 
donates all valence electron(s) to one or more nonmetal atoms, which have higher 
electronegativity. A metal atom becomes a positive ion (cation) in this process and is now 
chemically stable because it will now have a full valence energy level (= 8 valence electrons, or a 


45 Aduriz EHU, Julen. “Elektroi Itsasoa.” File:Elektroi Itsasoa.jpg, Wikimedia Commons, 8 Nov. 2018, 
commons.wikimedia.org/wiki/File:Elektroi_itsasoa.jpg. Licensed under CC BY-SA 4.0: 
https://creativecommons.org/licenses/by-sa/4.0/legalcode 
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stable octet). A nonmetal atom becomes a negative ion (anion) in this process and is now also 
chemically stable. If the compound is binary (2 elements involved) the ending of the atom’s 
name changes to -ide. All ions will attain a noble gas electron configuration in this process. 


A formula unit is a single unit of an ionic 
compound. The ratio of cations to anions in a formula 
unit is in the ionic compound’s chemical formula. The cr 
cation is written first. An ionic crystal consists of several 
formula units of the same compound. The ratio of the 
cations to the anions in the crystal are the same as in the wal 


chemical formula. The crystal features a regular, rigid 


and repeating pattern of cation-anion-cation-anion... in 


Crystal of NaCl 


the structure.” This arrangement is also called a crystal 
lattice. Cations and anions contact each other directly and tightly and do not permit the 
movement of anything, including electrons, once the ions have formed. 


Let’s look at the formation of one formula unit of sodium chloride, NaCl. The ratio of 
cation: anion in the formula unit, and in its crystal lattice, is 1:1. That is because one of each ion 
is required to form a formula unit with neutral (no) charge. The single valence electron from 
one Na transfers over to the Cl atom, forming Na* and Cl ions with corresponding changes in 
radius. Each ion attains a noble gas core electron configuration, and the resulting Coulombic 
attraction “sticks” the two ions together. 


Coulombic attraction 
Electron transfer 


fN ff 
Na + ,cls CG > [Na Cit 


x xx 
xx 
1 valence 7 valence One NaCl formula unit 
electron electrons Na? =15* 2s? 2p" Cl ais* 26" 2p*asap° 


#0 College, OpenStax. Anatomy & Physiology, Connexions Web Site. 
http://cnx.org/Contents/e4e45509-bfc0-4aee-b73e-17b7582bf7e1@4, 19 June 2013. Licensed under CC BY 
0: https://creativecommons.org/licenses/by/3.0/legalcode. 
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The following example shows you how to draw the Lewis electron-dot structure for a single 
formula unit of different compounds. Begin with drawing the Lewis electron-dot structure for 


an individual atom of each element involved. 
Example: Draw the Lewis electron-dot structure for a formula unit of magnesium and chlorine. 


Draw one Lewis electron-dot structure to represent a single atom of Mg and of Cl. The number 
of dots you put down depends on the number of valence electrons. Recall from Unit 2 that Mg, 
an alkali earth metal, will have two valence electrons, and chlorine, a halogen, will get seven. 


Ma: Cl: 


The one Cl atom only needs to attain one more valence electron for stability. Draw an arrow 
from the Mg to the Cl to show the transfer of one of the Mg valence electrons. The new Cl 
electron is represented by some other symbol (not a dot) to show it came from elsewhere. That 
leaves the Mg with one remaining valence electron. 


Mg SACs — 7 Ma- Cl: 


However, the Mg is still not yet stable. It must lose the remaining electron, so to facilitate this, 
draw a second Cl atom (with seven dots), draw an arrow showing the loss of the last electron, 
and represent the new Cl electron with your other symbol of choice showing it came from 
elsewhere. For some pairings you might have to draw several new metal and/or nonmetal 
Lewis electron-dot structures, each with the correct number of dots. 


You are finished with all the metal atoms (really, cations) are cleared of dots and when all the 
nonmetal atoms (really, anions) have eight symbols around them. The resulting formula unit 
must be drawn to mimic the real crystal lattice, so place ions of opposite charge next to each 
other. Put [ ] around each ion and put the charge of that ion outside those brackets showing 


the number of electrons it lost or gained. 
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The entire process will look like this on paper: 


ie eCiy 


The ions in the (neutral) formula unit do not have to be drawn vertically. Any arrangement will 
be acceptable as long as the charges on each ion are correct and ions of opposite charge are 
right next to each other. 


Explaining the Properties of lonic Compounds 

The properties of ionic compounds include: 

No conductivity when solid; 

Conductive when dissolved in water, or molten (melted) - this varies by charge 


Many (not all) dissolve in water 
Very high melting points - this varies by charge 


Brittle, i.e., easily fractured, not malleable 
The explanations are: 


e@ Solid ionic compounds do not conduct electricity because the electrons are locked in 
place and the ions do not permit any movement. 


e Dissolved or molten ionic compounds conduct electricity because the cations and anions 
move freely, permitting the flow of charge. The ions physically separate from each 
other. 


@ lonic compounds are brittle because applied force (from a hammer, for example) pushes 
the formula units up against each other. Similar charges come into contact with each 
other and repel, causing fractures in the crystal lattice. 
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@ When comparing ionic compounds to each other, we find that the strength of the ionic 
bond ultimately determines the properties of the compounds. There are two factors 
that affect how strong ionic bonds are, and both are directly related to Coulombic forces 
(the electrostatic attraction between positive and negative ions). 


e The first factor affecting ionic bond strength is the amount of charge. For example, the 
melting point of NaCl ,,. is 801°C. The Na* and CI ions have charges of +1 and -1, 
respectively. However, the melting point of MgS |, is 2000°C. The Mg” and S* ions have 
higher, stronger charges than the Na’* and CI ions, making the Coulombic force between 
the magnesium and sulfide ions stronger than that existing between the sodium and 
chloride ions. More energy must be absorbed by that ionic bond to break it and melt 
the compound. 


e If you are comparing ionic compounds whose formulas contain the same charges, look 
to their ionic radii. What happens is the nucleus of one ion attracts the electrons of the 
other ion much more strongly over a short distance. If both ions involved are small, the 
force between them would need to absorb much more energy to break the force than if 
both of the ions involved were large. This is why the melting point of NaCl ,,. is 801°C but 
the melting point of NaBr |, is 747°C. Both of these compounds contain positive and 
negative charges of +1 and - 1, but the ionic radius of Cl is smaller than the ionic radius 
of Br. 


Common Polyatomic lons Reference 
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The following ions, both formula AND charge WITH name, must be memorized if bolded. 


Monatomic ions, such as calcium, fluoride, etc. are not here but still need to be memorized. 


Cations 


+1 charge 
Ammonium NH,” 


Silver Ag” 


+2 charge 
Zinc 2n?* 


Variable Charge 


Iron (Il) (“ferrous”) 
Iron (Ill) (“ferric”) 


Copper (I) (“cuprous”) 
Copper (II) (“cupric”) 


Lead (II) (“plumbous”) 
Lead (IV) (“plumbic”) 


Tin (II) (“stannous”) 
Tin (IV) (“stannic”) 


Anions 


-1 charge 
Hydride 


Nitrite 
Nitrate 


Hypochlorite 
Chlorite 
Chlorate 
Perchlorate 


Bromate 
lodate 


Hydroxide 
Cyanide 
Acetate 
Permanganate 


Hydrogen carbonate 
Hydrogen sulfate 


-2 charge 
Carbonate 


Hydrogen phosphate 


Sulfite 
Sulfate 


Chromate 
Dichromate 
Thiosulfate 
Oxalate 


-3 charge 
H Phosphite PO,* 
Phosphate PO,” 


CN’ 
C,H;0, OR CH,;COO” 
Mn0o, 


HCO; 
HSO, 


co,” 
HPO,” 
SO,” 
SO,” 


CrO,” 
Choe 
S,0;” 
C,0,” 
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Peroxide oO,” 
3.02: lonic Compound Nomenclature (No Transition Metals 


Learning Objectives: 


(5.B) identify and explain the properties of chemical families 
(7.A) name ionic compounds containing main group or transition metals, covalent 
compounds, acids, and bases using International Union of Pure and Applied Chemistry 
(IUPAC) nomenclature rules 

e (7.B) write the chemical formulas of ionic compounds containing representative elements, 
transition metals and common polyatomic ions, covalent compounds, and acids and bases 


For the next two lessons we will focus on naming and formula writing for ionic 
compounds. We follow IUPAC (International Union of Pure and Applied Chemistry) 
conventions. Nevertheless, there are many old-school names that are still in use, including 
those based upon the Greek or Latin names for several of those elements. To be optimally 
successful at this skill, learn your ions with formula AND charge! The bolded ions on the 
previous page must be memorized, as well as simple monatomic ions like sodium, chloride, etc. 


First off, some basic vocabulary: 


Cu2*, P* , Na* and S? are examples of monatomic ions 


OH’ and NH,’ are examples of polyatomic ions (all of whom are covalently bonded) 
Cu3P>2 has three Cu*? ions and two P®* ions and is a binary ionic compound 
NaOH has one Na* ion and one OH ion 


(NH,)2S has two NH,* ions and one S* ion 
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Writing IUPAC Names and Formulas for Binary lonic Compounds - No Transition Metals 
Naming: a) The metal cation retains its name, ie. “sodium” remains “sodium”. 
b) The metal cation name is always written FIRST! 
c) For the nonmetal anion, remove ‘ine’ ending’ and substitute ‘-ide’. 
d) The nonmetal anion name is always written SECOND! 


e) Do not use any prefixes like “di-“ “tri-“, etc. 
Examples: NaCl = sodium chloride Mg;N, = magnesium nitride 
Formula writing: a) Note the charges of the cation and the anion involved. 


b) Figure out the number of cations required to cancel charges on the 
anions. You may need more than one of each ion to do so. 

c) Write the symbol of the metal first, followed by a subscript indicating 
the number of cation ions you determined. Repeat for the nonmetal. 

d) Make sure the ratio of cations to anions is as low as possible. 

e) Do not write 1’s for subscripts. 

f) Do not write ion charges anywhere in a finished formula. 


Examples: calcium oxide = CaO NOT: Ca**O” or Ca,0, 


strontium bromide = SrBr, NOT: SrBr or Sr**Br 


Writing the Names and Formulas of Polyatomic lonic Compounds 


Several (covalently bonded) ions are polyatomic. This means that they have multiple 
elements in one ion. Almost all polyatomic ions contain only nonmetal atoms. The majority of 
polyatomic ions are anions and have either an -ate or an -ite ending, meaning that they include 
oxygen in the ion. (There are exceptions: cyanide = CN). Some have multiple parts to the 
name that reflect its structure. The only polyatomic cation is anmonium, NH,". All the 
polyatomic ions you are expected to use are on the list found right before this lesson; several 
are in bold print, meaning you must memorize them. Any other polyatomic ions will be given to 
you. 


Naming: Same as in the previous section. 


Formula writing: Same as in the previous section, and: 
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f) If you need > 1 polyatomic ion to cancel out charges, enclose the formula in ( ) and how 
many ions you have after the parentheses. 


g) If you only need one polyatomic ion to cancel charges, do not put ( ). 

Examples: calcium hydroxide = Ca(OH), rubidium carbonate = Rb,CO; 

3.03: lonic Compound Nomenclature (Including Transition Metals 

Learning Objectives: 

e (7.A) name ionic compounds containing main group or transition metals, covalent 
compounds, acids, and bases using International Union of Pure and Applied Chemistry 
(IUPAC) nomenclature rules 

e (7.B) write the chemical formulas of ionic compounds containing representative elements, 
transition metals and common polyatomic ions, covalent compounds, and acids and bases 


e (7.C) construct electron dot formulas to illustrate ionic and covalent bonds 


Writing Names and Formulas for Binary lonic Compounds - With Transition Metals 


The procedures are the same as in Lesson 4.02, but many transition metals have variable 


charges. There are exceptions. The following transition metals have only one charge (which 
you do have to memorize): Zn*’, Ag*’. 


Naming: a) Write the cation charge as a Roman numeral and in parentheses. 
(1) =+1, (Il) = +2, (IN) =+3, (IV) =+4 
*The exception is Ag and Zn: you do NOT have to write the Roman numerals. 


b) Write this Roman numeral between the name of the cation and the anion. 
OR: if using old-style Latin/Greek names for the cation, no () are required. 


Formula writing: a) If the old-style Latin/Greek name is used for the cation, remember the 
charge that goes with it. -ic ending denotes the higher of the two possible 
charges, and -ous goes with the lower of the two possible charges. 

b) Do NOT put the Roman numeral in the formula! 


Examples: CuO = copper (II) oxide or (old style) cupric oxide 
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FeCl, = iron (Il) chloride or (old style) ferrous chloride 


For any transition metal with variable charges NOT on the “official” ion list, you still have 
to indicate its charge as a Roman numeral in ( ). This should be easily inferred. For example, 
CoSO, is named “cobalt (Il) sulfate”, and gold (1) hydroxide has the formula “AUOH”. You are still 
responsible for being able to successfully name transition metal compounds regardless of 
whether the metal ion is on the official list or not. 


Example: Write the IUPAC name for the compound with the chemical formula NiS. 


Look up the name of the first element; it’s Ni, which has the name “nickel.” Ni is not on the ions 
list. However, you can go backwards and determine its charge anyway. There is a ratio of 1:1 
between Ni and S, and you know that the S anion has a charge of 2-. Therefore, the charge of Ni 
must be 2+. Use the Roman numeral “(II)” in the name. The name for the S anion is “sulfide.” 


Therefore, the IUPAC name for this compound, NisS, is nickel (II) sulfide. 
Writing Names and Formulas for Polyatomic lonic Compounds - WITH Transition Metals 
Naming: Same as in the previous section. 


Formula writing: — b) If you need >1 polyatomic ion to cancel out charges, enclose the 
formula in () and how many ions you have after the parentheses. 
c) If you need one polyatomic ion to cancel out charges, do not use the ( ). 


Examples: lead (II) carbonate = PbCO, plumbous hydroxide = Pb(OH), 


3.04: Covalent Bonding Concepts and Covalent / Acids Nomenclature 


Learning Objectives: 

e@ (7.A) name ionic compounds containing main group or transition metals, covalent 
compounds, acids, and bases using International Union of Pure and Applied Chemistry 
(IUPAC) nomenclature rules 

e (7.B) write the chemical formulas of ionic compounds containing representative 
elements, transition metals and common polyatomic ions, covalent compounds, and 
acids and bases 

e (7.C) construct electron dot formulas to illustrate ionic and covalent bonds 
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Covalent Bonding 


All compounds are pure substances made from two or more different elements 
chemically combined. There are two ways for atoms to combine chemically, and that another 
word for the process of combining chemically is bonding. Bonding occurs because all atoms 
have the lowest possible potential energy —in other words, the greatest stability - when they 
have a full valence energy level (“outer shell”). To become stable, an atom will lose valence 
electrons, gain valence electrons, or share valence electrons with another atom. 


Covalent bonds between neutral, nonmetal atoms will form a single unit of a covalent 
(or molecular) compound. A covalent bond is a bond formed by nonmetal atoms who share 
valence electrons in order to each of them to have a full valence energy level. This single unit is 
called a molecule. Examples of covalent bonds are the bonds existing in H,, O,, H,O and CH, 
(methane) molecules. 


A hydrogen molecule (H.,) 


47 


The atomic number of hydrogen is 1. It needs to 
have two electrons in its valence level, and if it 
‘ponds’ with another hydrogen atom and they 


both ‘share’ their electron with each other, it 


H:H 
H-H allows both atoms to have a complete valence 


energy level. 
“8An oxygen molecule (O,) fe fe 


1s?2s’2p*. It needs to have 8 electrons in its valence energy level, and so if O om O 


The atomic number of oxygen is 8. It has an electron configuration of 


it ‘bonds’ with another oxygen atom and they both ‘share’ two of their 
electrons with each other, it allows both atoms to have a complete valence 


energy level. O=O 


47 Jacek FH. ‘A covalent bond forming H2 (right) where two utydregen atoms share the electrons.” 


ieeneed under CC- BY. SA 3.0: https://creativecommons.or! licenses b -sa/3.0/le alcode. 
48 “File:Oxygen to dioxygen.svg.” https: 


Commons. Public domain. 
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A water molecule (H,O)” 


The atomic number of hydrogen is 1, so it has 1 electron in its 

valence energy level. The atomic number of oxygen is 8 so it 

has 6 electrons in its valence energy level. 

Oxygen can share 1 electron with one hydrogen atom and a \) Y, 
second electron with a second hydrogen atom, which allows all 

atoms to have a complete valence energy level. 


A methane molecule (CH,)*° 


The atomic number of hydrogen is 1 so it has 1 electron in its 


valence energy level. The atomic number of carbon is 6 so it 
has 4 electrons in its valence energy level. 
Carbon can share 1 electron with each of 4 different hydrogen : 


atoms, which allows all atoms to have a complete energy 
level. 
@Electron from hydrogen 
@ Electron from carbon 
In a covalent bond, one, two, or three pairs of electrons may be shared between two 
nonmetal atoms. In diagrams, a bond is either represented by a pair of dots (one bond = 2 
electrons), or a dash. 


A single bond is when one pair of electrons is shared between nonmetal atoms. 
A double bond is when two pairs of electrons are shared. 
A triple bond is when three pairs of electrons are shared. 


It goes without saying that, of the three, a single bond is the weakest — it has the lowest 
bond energy. It also has the longest bond length. The triple bond is the strongest — it has the 
highest bond energy, and the shortest bond length. 


4° “File: Water-2D-dot-cross.png.” https: 
Wikimedia Commons. Public domain. 
5° CK-12 Foundation. “4.2 Types of Compounds and their Properties.” 

https ://www.ck12.org/book/introductory-chemistry/section/4.2/. CK-Foundation, 2020. Licensed under 
CC-BY-NC 3.0: https://creativecommons.org/li O/I | , 
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Explaining the Properties of Covalent (Molecular) Compounds 


The type of bond affects properties profoundly. Compare the properties of covalent 
compounds to ionic compounds (which rely on electrostatic attraction between ions and 


electron transfer, not electron sharing). 


lonic Compounds Covalent Compounds 


Usually solid at room temperature Usually liquid or gas at room temperature 
(25 °C or 298 K) (25 °C or 298 K) 


High melting and boiling points Low melting points 


Hard, brittle Soft, waxy, slippery 
Soluble in water Insoluble in water 
Conducts electricity when dissolved in water Do not conduct electricity 


A covalent bond, in and of itself, is very strong (think about how much energy is 
contained in gasoline) so the properties of covalent compounds are best explained in terms of 


the weaker forces existing between the molecules, not the covalent bonds inside the molecules. 
These weaker forces are called intermolecular forces and will be explained better later. For now, 
just know that: 


@ Covalent bonds keep the shared electrons and participating atoms locked in place, so 
electricity cannot flow through a covalent compound in any state. 


e If asolid covalent compound is soft, waxy, or slippery (like wax) the weak intermolecular 
forces are allowing the molecules to slip past each other. Liquid or gaseous covalent 
compounds have extremely weak intermolecular forces. 


e If acovalent compound is insoluble, it is because the uncharged molecules cannot 
separate from each other in water. The water would also be unable to break up a 
molecule. 


e If acovalent compound dissolves in water (like sugar) it is because the molecules are 
separated from each other by the water. 


Molecules do not have full charges like ions do, so even if the covalent compound 
dissolves in water it still cannot conduct electricity. 
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Nomenclature of Covalent (Molecular) Compounds Greek Prefixes 

1 — mono 6- hexa 
Naming and Formula Writing: 

2- di 7- hepta 
a) The first element retains its name. 3- tri 8- octa 
b) The second element gets an -ide ending. 4: ti ee 
c) Use Greek prefixes to identify the # of atoms. 
d) The first element NEVER gets “mono-“. S- penta 10 - deca 
Examples: N,O = dinitrogen monoxide SO; = sulfur trioxide 


NOTE: The following are covalent compound formulas that MUST be memorized: 


NH, = ammonia 
H,, N,, O>, F,, Cl, Br., |, = hydrogen, nitrogen, oxygen, fluorine, chlorine, bromine, iodine 


Nomenclature of Acids 


Acids are typically classified as covalent (actually “polar” covalent, since the bonding 
pair of electrons is unequally shared). All acids contain at least one hydrogen cation, and the 
hydrogen(s) is/are always written on the left of the formula. It is the hydrogen(s) (or “acidic 
protons”) that are responsible for all the properties of acids, such as low pH. 


The nomenclature of acids follows many unique rules. The number of acidic hydrogens 
always equals the charge on the anion or anions it/they is/are bonded to. 


Naming: a) Drop the ending on the negative anion. 
b) An -ate ending changes to -ic acid. 
c) An -ite ending changes to -ous acid. 
d) An -ide ending uses the prefix hydro- and the suffix -ic acid. 


Examples: H,CrO, = chromic acid HNO, = nitrous acid HCl = hydrochloric acid 


Formula Writing: a) If the name has the prefix hydro-, it is a binary acid (two elements: H 
and one other element). Find the cation and anion formula. The number 
of hydrogens you need equals the charge on the anion. Write the 
formula. 
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Examples: hydrosulfuric acid = H,S (S has charge of -2, so you need two H+ cations.) 


Formula Writing: b) If the name DOESN’T have hydro-, it is an oxyacid (>3 elements: H and 
two others). Find the anion formula. 
c) Check if it has an —ic or -ous name ending. —ic belongs to a polyatomic 
ion with the higher oxygen count. -ous belongs to a polyatomic ion with a 
lower oxygen count. 
d) The number of hydrogens you need equals the charge on the anion. 
Write the formula. 


Examples: nitric acid = HNO; (based on nitrate, NO;. You need just one H’.) 
sulfurous acid = H,SO; (based on sulfite, SO;7. You need two H”s.) 


3.05: Lewis Structures (including Exceptions) 


Learning Objectives: 


e (7.C) construct electron dot formulas to illustrate ionic and covalent bonds 

A covalent bond is the sharing of (some) electrons. According to valence bond theory, 
atoms share electrons present in their atomic orbitals to form a stable octet around each atom. 
Hydrogen is the exception; it only requires 2 electrons (a duet) to be stable. (There is another 
theory which is better used to explain bonding in organic molecules, called molecular orbital 
theory. We’ll leave that to Mr. Walker to explain.) 
Lewis Valence Dot Structures for Unbonded Atoms 

Write the symbol of the element. Determine the number of valence electrons that an 
atom of that element will have. Draw the electrons as dots around the symbol. This type of 
diagram is called a Lewis valence electron dot structure. 
Lewis Structures for Molecules - Single Bonds 


Follow these steps to draw the Lewis structure of a covalent molecule. 


Example: Draw the Lewis structure for CF,. 
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a) Add up all the valence electrons of the atoms involved. 


Chas 4 and F has 7 (x 4, since we have 4 F’s) = 32 valence electrons. 


b) The central atom is typically the least electronegative element. 


C will be surrounded by F's in this case. (H is never the central atom.) Typical central atoms 
include C, N, Pand S. Sometimes there is no one central atom (ex. C,H,). H is never in the 


center. Organic molecules often contain multiple carbons; put these carbons in a line, in the 
middle. 


Ec 


FC F 


= 


c) Create our skeleton structure by drawing bonds. A bond is a dash that represents 2 
electrons. 


You can use dots, if you prefer. We have now placed 8 electrons as 4 bonds. We have 32 - 8= 24 
more electrons to place. 


d) Starting with the outer atoms, add the remaining electrons in pairs (“lone pairs”) until all 
the electrons have run out. 
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All 32 electrons are now in place; count the dots around each F. Six dots and a bond (2 
electrons) are 8 electrons. We have our octet. The carbon has 4 bonds (2 electrons) for its 8. 


Lewis Structures for Molecules - Double and Triple Bonds: Same rules apply until #4. 
Example: Draw the Lewis structure for CO). 
a) Add up all the valence electrons of the atoms involved. 
C has 4 electrons and two O atoms have 6 x 2 electrons = 16 valence electrons for CO). 
b) Select the central atom. C will be surrounded by O's. Place the outer atoms as far away 


from each other as possible. This is because the electrons making up the bonds will 
repel other bonding electrons in other locations. 


O-C-O 


c) Now we create our skeleton structure by placing single bonds in. A bond is a dash that 
represents 2 electrons. Always start with single bonds to see if that will satisfy all octets. 


O-C-O 


We have now placed 4 electrons as 2 bonds. We have 16 - 4 = 12 more to place. 
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d) Starting with the outer atoms add the remaining electrons in pairs until all the electrons 
have run out. 


All 16 electrons are now in place - count the dots around each O. 6 dots and a bond (2 
electrons) is 8. We have our octets. BUT — you’ve run out of electrons, and the carbon has 2 
bonds (2 electrons) for its 42 C does not have its stable octet. 


We need 8 valence electrons to stabilize carbon, so move a pair of electrons from the O to 
between the C and O. It will share 2 pairs of electrons instead of 1. It now has a double bond 
instead of a single bond. 


Carbon has 6 
electrons, so 


move 2 from 
the other 
oxygen 


If you have fulfilled all the octets of all the atoms and STILL have electrons left over in 
your count, place them in pairs around the central atom as /one pairs. Orient the lone pairs as 
far away from each other as possible — electrons still repel. 


Lewis Structures for Molecules - Exceptions to the Octet Rule 


Beryllium (Be) needs 4 electrons to be stable; boron (B) needs 6 electrons. Other than H 
(which needs 2 electrons for stability), these are the only atoms that require less than 8 valence 
electrons. 


Many central atoms contain unoccupied d-orbitals. These are atoms in the third period 
and below. If you have extra electrons left over even after all octets are full, place them as lone 
pairs around the central atom — the lone pairs will now occupy those empty d-orbitals. This 
results in the central atom holding more than 8 valence electrons. 
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Extra electrons ONLY go into the central atom - you NEVER expand electrons into the 
atoms bound to the central atom. 


Lewis Structures of Polyatomic lons 


All polyatomic ions are bonded covalently. For polyatomic cations, subtract the charge 
from the total valence electron count. (For instance, a charge of +1 means subtract 1 electron.) 
For negatively charged ions, add the charge to the total valence electron count. 


e Draw a set of square brackets around your Lewis structure. 
e Write the charge of the ion in the upper right-hand corner, just outside the bracket. 


Resonance 


Resonance structures are equivalent Lewis structures which show alternative 
arrangements of electrons. Such structures must be drawn when a single Lewis structure does 
not adequately represent the known bonding of a molecule. Resonance typically occurs in 
molecules that contain a multiple bond, and the position of the bond can change. 
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Two or more resonance structures are drawn, placed in brackets, and are connected 
with double ended arrows. The arrows indicate the structures are resonance forms and the 
true structure of the molecule is believed to be a hybrid of the resonance structures. 


In the structure of nitrate, the double bond occurs between the nitrogen and the oxygen 
number one, but why couldn’t it have formed between oxygen 3 and N. It could have, and this 
is why there are resonance structures. In a structure with resonance, the double bond is longer 
than a normal double bond but is shorter than a normal single bond. The double bond is 


51 “File:Nitraatti-ionin Lewis-rakenteet.jpg.” 
https://commons.wikimedia.org/wiki/File:Nitraatti-ionin_Lewis-rakenteet.jpog. Wikimedia Commons. Licensed 
under CC BY SA 3.0: https://creativecommons.org/licenses/by-sa/3.0/legalcode. 
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constantly rotating around all the positions it can form, and the electrons making up the double 


bond are delocalized. 
3.06: Formal Charge and VSEPR, including Organic Molecules 


Learning Objectives: 


e (3.A) analyze, evaluate, and critique scientific explanations 

e (7.C) construct electron dot formulas to illustrate ionic and covalent bonds 

e (7.E) classify molecular structure for molecules with linear, trigonal planar, and 
tetrahedral electron pair geometries as explained by Valence Shell Electron Pair Repulsion 
(VSEPR) theory. 


Formal Charge 


Formal charge is the charge assigned to an atom in a molecule, assuming that electrons 
in all chemical bonds are shared equally between atoms, regardless of relative electronegativity. 
We use it as a method to decide which Lewis structure is the most appropriate (or correct). 
Sometimes there are multiple and equally valid Lewis structures possible. Using formal charges 
is a way for us to decide which structure is the most stable. 


Example: Here are two equally valid Lewis structures for nitrous oxide (“laughing gas”). How 
can we tell which of these two valid structures is more valid? 


=a). OF NSS Oaah 


Formal charge is calculated on EACH atom in a Lewis structure. 
Formal Charge = # valence e - (# lone pair e + % bonding e) 


OR 


52 “7_A4 Formal Charges and Resonance.” 
https://opentextbc.ca/chemistry/chapter/7-4-formal-charges-and-resonance/. Chemistry, Rice University. Licensed 


under CC BY 4.0: https://opentextbc.ca/chemistry/chapter/7-4-formal-charges-and-resonance/. 
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Formal Charge = # valence e - # lone pair e - # bonds it has around it 


Calculate the formal charge on EACH atom for EACH structure in question... then decide. 
The BEST Lewis structure will ideally have: 


All (or most) atoms with a formal charge of 0 or be as close to 0 as possible. 
If formal charges are not O, they should be small, i.e., -1 or +1. 

A central atom with a formal charge of 0. 

All formal charges for the molecule add up to give you the overall charge. 


Atoms with a negative formal charge should be electronegative (like oxygen). 


From this point forward you are to draw the most valid Lewis structure for a molecule or ion 
using your knowledge of formal charge. 


For the nitrous oxide example, here are the formal charge calculations: 


Left: Right: 

Non left: 5-4-2=-1 N on left:5-4-2=-1 
Nin center: 5-4-O=+1 O in center:6-4-0=+2 
O: 6-4-2=0 Nonright: 5-4-2 =-1 


The best structure is on the left, since it yields more 0’s. The structure on the right gives O a 
positive formal charge, which is very unlikely for an atom with a high electronegativity. 


VSEPR (Valence Shell Electron Pair Repulsion) Theory 


Learning Objectives 


e (3.B) communicate and apply scientific information extracted from various sources 

e (7.C) construct electron dot formulas to illustrate ionic and covalent bonds 

e (7.E) classify molecular structure for molecules with linear, trigonal planar, and 
tetrahedral electron pair geometries as explained by Valence Shell Electron Pair Repulsion 
(VSEPR) theory 


The shape of a molecule or polyatomic ion has profound effects on properties. For most 
biological molecules, for example, their shape affects the way they bond to enzyme active sites. 
The design of pharmaceutical drugs relies upon attaining the correct shape. It is thus very 
important to understand how we can predict the shape of a molecule. 
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How can you determine the molecular geometry (shape) of a molecule? Keep in mind 
the following points: 


Localized electron regions around the central atom are “areas of electron density.” 
Both lone pairs and bonding pairs count as areas of electron density. 
Multiple bonds count as one bond pair. 


Electron areas repel to maximize their separation from one another, since they all have 
negative charges. The fact that negative charges repel each other is part of Coulomb’s 
Law. 

e@ These lone electron pairs have stronger repulsive forces than electrons in bonds, so 
structures like T-Shape, seesaw and square planar have the lone pair electrons with 
larger angles that the bound electrons in bonds. 


Steps: 


a) Draw the Lewis structure for the molecule or ion, using formal charge as your guide. 


Example: This is the Lewis structure for sulfate. 


for OO) 
tl 
20—S—08 
Se 1 eo 

er) 


b) Count the number of lone pair and bond pair locations on the central atom. (areas of 
electron density, or electron domains). 


In the sulfate Lewis structure, there are four locations around the S atom where electrons 
reside. Each double bond counts as one location. There are no central lone pair locations. (If 
there were, each pair would count as one.) Sulfate has four areas of electron density, or four 
electron domains. 


In general, force strength depends on Coulombic forces. Coulombic forces depend on 
two factors: the strength of the charges involved (“q,” and “q,”) and the distance between the 
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two charges (“r”). Coulomb’s law is the formula represented in the figure below. You do not 


have to solve anything based on this law, but you do have to know the factors that affect the 
force of repulsion, and how they affect it. The greater the negative charges (electron densities), 
the stronger the repulsion; and the larger the distance between the charges in order to 
minimize the force (F.). 


ta 


r 


c) You can obtain a general shape “family” from this number. This is called the electron 
geometry. This may or may not be the true molecular geometry (or molecular shape). 


or Kroas pt Elechron Electron-Dot # of Areas of Electron |Electron-Dot Geometry 


Density around the Geometry Density around the 
Central Atom Central Atom 


Since sulfate has four areas of electron density, its electron geometry is tetrahedral. 


d) Determine the number of lone pairs on the central atom. This and the bond angles are 
also determined by the molecular shape. The “number of electron pairs” is the? 
number of areas of electron density. “E” is the central atom. 


ad “Figure 6.” 7.6 Molecular Structure and Polarity, Rice University, 


opentextbc.ca/chemistry/chapter/7-6-molecular-structure-and-polarity/. Licensed under CC BY 4.0: 
https://creativecommons.org/licenses/by/4.0/legalcode. 
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Number of Electron pair 


el = geometries: 1 lone pair 2 lone pairs 3 lone pairs 4 lone pairs 
pairs 0 lone pair 
180° 
2 X=—E =X 
Linear 
x 
yr | 
E E 
3 x~ x xx 
<120° 
Trigonal planar Bent or angular 
x | ope 
Xn, Ps,209° E on A 
E E 
4 4 x x (ea x xO Dy 
x xX <109° <<109° 
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5 120° x <1z0" fe: TeEtx TEs: 
x” | x” | a : 
x Xx x x 
Trigonal bipyramid | Sawhorse or seesaw T-shape Linear 
X go° x <90° . x X 180° 
Xn, POX Xe POX | LX | cn | ca Pe 
<90° 90° es 
6 x¥ | Yx x” | Yx x” | Yx 1 >x 
x - - 4 <90° x 
Octahedral Square pyramid Square planar T-shape Linear 


Figure 6. The molecular structures are identical to the electron-pair geometries when there are no lone pairs present (first 
column). For a particular number of electron pairs (row), the molecular structures for one or more lone pairs are 
determined based on modifications of the corresponding electron-pair geometry. 


Sulfate has four areas of electron density, but no lone pairs around the center. The molecular 
shape will therefore the same as the electron-dot geometry, which is tetrahedral. The molecule 
will have a bond angle of about 109°. (This ensures that all electrons around the exterior atoms, 
and bonding pairs around the center, will be as far apart as possible. 


3.07: Bond and Molecular Polarity 
Learning Objectives: 


(3.B) communicate and apply scientific information extracted from various sources 
(7.C) construct electron dot formulas to illustrate ionic and covalent bonds 

(7.E) classify molecular structure for molecules with linear, trigonal planar, and 
tetrahedral electron pair geometries as explained by Valence Shell Electron Pair 
Repulsion (VSEPR) theory 
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Lewis Structures and VSEPR Review 


Solution chemistry is a fundamental part of our world. You eat them, you drink them, 
your body is full of them, and you use them every day. The economy is dependent on them. To 
understand how solutions - that is to say, homogeneous mixtures - function, you have to 
understand how the components of a solution behave with each other. Recall that the 
components of mixtures retain (keep) their individual physical and chemical properties. The 
parts of solutions can be separated from each other through physical changes such as 
distillation, filtration, or chromatography. 


The forces that hold the parts of a solution together are called intermolecular forces. 
The nature and strength of these forces ultimately decide the solution’s properties, such as 
hardness, boiling point, or solubility in water. Before we get into intermolecular forces, we have 
to understand how to classify these parts as polar or non-polar, which requires a review of 
drawing Lewis structures and classifying their VSEPR molecular shapes. 


Bond Polarity 


When something is polar it has ends that are different from one another. Magnets have 
a “north” pole and a “south” pole. In the context of chemistry, a polar molecule has ends that 
are different because the ends are atoms from different elements, and because the ends have 
different charges, or both. You end up with an end that is positively charged (a “positive 
dipole”) and, opposite to that positive dipole, an end that is negatively charged (a “negative 
dipole”). Since these ends (any ends) are different, we say that polar molecules are 
asymmetrical. 


We represent a dipole by placing the lower case Greek letter delta, 6, and its sign 
(positive or negative) on that end of the molecule. Polar molecules, being asymmetrical, have 
more negative charge on one side of the molecule than on the other side. For example, the 
molecule HCI (in gaseous form, hydrogen chloride, in aqueous form, hydrochloric acid) is a polar 
molecule. Here’s how we represent its polarity: 


6+ 56- 
H - Cl 


The H has the 6+ because hydrogen has a lower electronegativity than chlorine. Recall 
that electronegativity is the measure of attraction an atom has for electrons within a chemical 
bond. Chlorine has a stronger pull on the single bonding pair of electrons, so they are physically 
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closer to the chlorine. This stronger pull allows the chlorine to gain that negative dipole. 
Hydrogen has a weaker pull, so the bonding electrons are further away and give it the positive 
dipole. 


We call this type of covalent bond a polar covalent bond. Another way to say that a 
molecule is polar is to say that the molecule has a “nonzero dipole moment” or just a “dipole 
moment.” Symmetrical bonds are nonpolar, so they do not get 5+ or 6- signage. By the way, its 
identity as a single, double, or triple bond does not affect how you assign the dipoles on a bond. 


Molecular Polarity 


The arrangement of polar bonds in a molecule often (not always) leads to the molecule 
as a whole being “polar”. Water is the most famous polar molecule on earth. It has a nonzero 
dipole moment because it contains two lone pairs on the central oxygen and a bent molecular 
shape, making it asymmetrical. 


It is hard to represent the structure of water on a two-dimensional paper surface, but 
know that water has a tetrahedral electron geometry, meaning that the two lone pairs are 
pointing towards you and behind the paper and the two hydrogens are in the plane of the 
paper. The individual hydrogen-oxygen covalent bonds are also already polar covalent because 
oxygen has a higher electronegativity than hydrogen. 


Furthermore, the two lone pairs on oxygen repel the bonding electron pairs between 
the central oxygen and each hydrogen. All of this gives water a bent molecular geometry, which 
forces the oxygen to point in a different direction than the hydrogen atoms. It has, in essence, a 
negatively charged, oxygen partial “pole” and a positively charged, hydrogen partial “pole”. 
Those two lone pairs on oxygen are very important; if they were absent, water would be linear 
and nonpolar, and there would be no life on earth as a consequence. 


2 
Ia Ov 
5+ H H 


Carbon dioxide is an example of a nonpolar molecule. Nonpolar molecules either 
contain only nonpolar covalent bonds (uncommon) or they contain polar covalent bonds whose 
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dipoles “cancel out”. This means that the sum of all the pulls on bonding electrons is relatively 
equal throughout the entire molecule. There is no overall pull on electrons on one side of the 
molecule as opposed to the other. 


In the case of carbon dioxide, the individual double bonds (between the central carbon 
and each of the oxygens) are polar covalent, but the pull is equal on either side, so the dipoles 
cancel. If a molecule is nonpolar, you do not have to draw any deltas. A nonpolar molecule has 
a “zero dipole moment” or “no dipole moment.” Nonpolar molecules are symmetrical, with its 
overall charge spread out evenly over the surface area of the entire molecule. 


In general, a molecule or ion is polar (asymmetrical) if: 


a) The ends on the molecule are from different elements, signifying different 
electronegativities. If all the ends are identical, all around the molecule in three 
dimensions, the molecule is nonpolar. 


For example, chloromethane, CH;Cl, is polar. There are three hydrogen atoms and one chlorine 
atom tetrahedrally arranged around the central carbon atom. The end containing the chlorine 
is different from the other ends. 


b) OR there is one lone pair on the central atom (a lone pair represents a very large 
negative dipole, and the side opposite the lone pair is the positive dipole). 


For example, ozone, O3, is polar. Ozone is a bent molecule with one lone pair sitting on the top 
of the central oxygen atom. 
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c) OR if there is more than one lone pair on the central atom, they are located in one 
specific area, and are unevenly distributed around the center in three dimensions. 


For example, water is a polar molecule. There are two lone pairs located on the top of the 
central oxygen atom, on the opposite side of the two hydrogen atoms. The bonding and lone 
pair electrons around the central oxygen atom are tetrahedral, but the overall molecular shape 


is bent. 
ee Be careful when there are multiple lone pairs on the central atom. These 
Fé lone pairs can be evenly distributed around the central atom too. You must 
| keep in mind the overall VSEPR shape. 
eo 
e a 
° Xe . For example, xenon difluoride, depicted here on the left, * is nonpolar. 
e 
| There are three lone pairs on the central xenon atom. However, those 
° Ec e three lone pairs are symmetrically arranged at 120° to each other. They 
7 aa ° repel each other and help push the two fluorine atoms away from each 


other and makes the molecule linear. 


You can probably tell that some VSEPR shapes are correlated with being polar or 
nonpolar. Certain shapes naturally distribute charge evenly around the molecule. Rule #1 
overrules all, so a linear molecule can still be polar if the ends of the molecule are different. All 
other VSEPR shapes — those shapes that distribute electrons unevenly - are polar. If you cannot 
tell what molecular shape it will be from the formula, you will need to draw its Lewis structure 
(correctly, taking into account formal charge). 


54 “File: Ozone-resonance-Lewis-2D.png.” 
https://commons.wikimedia.org/wiki/File:0zone-resonance-Lewis-2D.png. Wikimedia Commons. Public domain. 


 “File:-CNX Chem 18 12 Exercise1a img.png.” 


https://commons.wikimedia.org/wiki/File:-CNX Chem _18 12 Exercise1a_img.png. Wikimedia Commons, 
18 May 2016. Licensed under CC-BY 4.0: https://creativecommons.org/li 4 O/legal . 
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USUALLY nonpolar molecular shapes 
trigonal bipyramidal 
trigonal planar 


trigonal bipyramidal 


Unit 4: Chemical Reactions 


Lesson 


Reaction Prediction Concepts 


4.01: Chemical Reactions Concepts 


Learning Objectives: 


(3.B) communicate and apply scientific information extracted from various sources 
(8.E) write and balance chemical equations using the law of conservation of mass. 
(8.F) differentiate among double replacement reactions, including acid-base reactions 
and precipitation reactions, and oxidation-reduction reactions such as synthesis, 
decomposition, single replacement, and combustion reactions 


Collision Theory and Kinetics 


Collision is an essential part of many chemical reactions. (Chemical reactions are 
chemical changes.) Energy is absorbed to break chemical bonds, and that energy comes from 
the force of collision. The behavior of the atoms, molecules, or ions that comprise the reactants 
is responsible for the rates of a given chemical reaction. Collision theory is a set of principles 
that states that the reacting particles can form products when they collide with one another, 
provided those collisions have enough kinetic energy and the correct orientation. Particles that 
lack the necessary kinetic energy may collide, but the particles will simply bounce off one 
another unchanged. 
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An effective collision occurs only if the species (atoms, molecules, or ions) brought 
together contains a certain minimum value of kinetic energy. The minimum amount of kinetic 
energy in the collision must be equal to the activation energy. Activation energy is the 
minimum amount of energy that is required to activate atoms, molecules, or ions so they can 
undergo chemical change. The colliding species (atoms, molecules, or ions) must be oriented in 
a correct direction to produce the necessary rearrangement of atoms and electrons in the 
products. 


REACTANTS MOLECULES 
MOVING TOO > + © > BOUNCE 
SLOWLY (NO REACTION) 


“ 


A 
c) MOLECULES 


REACTANTS 

NOT FACING > <+ © > BOUNCE 

RIGHT WAY (NO REACTION) 
4 


REACTANTS 


ENERGETIC 
CHEMICAL 
& @ > <+ © > > © 
ORIENTATED 7 REACTION 


CORRECTLY 


Particles have a wide range of kinetic energy, but only a small fraction of particles have 
enough kinetic energy to break bonds and bring about chemical change. Effective collisions 
occur when the reactant species collide with enough kinetic energy and in the correct 
orientation to break the original reactant bonds and form new bonds in the product species. 


Factors that can speed up or slow down the rate of a reaction (kinetics) are the surface 
area of a solid reactant (greater surface area = faster rate); concentration or pressure of a 
gaseous reactant (greater concentration or pressure = faster rate); temperature (higher 
temperature = faster rate); and the nature of the reactants (states of matter). The presence of a 
catalyst (a substance that increases the rate of a chemical reaction without itself undergoing 
any permanent chemical change) also speeds up the reaction rate, since it provides a 
convenient “landing pad” for particles to find each other and then collide effectively. Enzymes 
are biological catalysts. 
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Chemical Equations 


A chemical equation is a symbolic representation of all the substances involved in a 
chemical change (a chemical reaction). Effective collisions between the reactant particles cause 
the formation of the products. You could use a picture or a description as well, but writing the 
chemical equation is much quicker. Check out the examples. 


2 Na (s) + 2 H,O (I) =e 2 NaOH (aq) + H, (g) 


This chemical equation shows that the effective collision of two Na atoms with two water 


molecules produces two sodium hydroxide formula units and one hydrogen molecule. Don’t 
forget hydrogen is diatomic. 


Here are some general notes about chemical equations: 


e We use chemical formulas to represent each species (type of chemical) involved in the 
reaction. 


e The subscript in a chemical formula (i.e., the 2 in H,O) tells you how many of that atom 
are present in one unit (molecule or formula unit) of that substance. 


e Reactants are written on the left of the arrow (which means “yields” or “chemical 


“ny 


change”) and products are written on the right. We do not use in chemical 


equations. 


e Reactants collide effectively, absorbing energy to break their chemical bonds. When new 
chemical bonds are formed, energy is released, yielding the products. If the energy 
absorbed is larger than the energy released, we refer to the reaction as endothermic. 
This is noted in the chemical reaction using the Greek symbol upper case delta (A), 
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written on top of the arrow. If the energy absorbed is less than the energy released, we 
refer to the reaction as exothermic. If anything else is written on or below the arrow, it 
usually identifies the catalyst used to speed up the reaction, or the conditions under 
which the reaction takes place. 


e The products have different physical and chemical properties compared to the reactants. 
Forming the products always results in a loss of energy as new chemical bonds are 
formed. 


e The physical states: gas (g), liquid (I), solid (s), or aqueous (aq) following the chemical 
formula to identify the phases of all substances in the reaction. Liquid does NOT mean 
aqueous; aqueous substances are mixtures, while liquids are pure substances. 


Chemical equations are always balanced to respect the Law of Conservation of Mass. 


e The Law of Conservation of Mass (stated by the Lavoisiers in 1785) states that the total 
mass of all the reactants always equals the total mass of all the products. 


e To respect the Law of Conservation of Mass, we write in stoichiometric coefficients 
(large numbers to the left of each chemical formula) to ensure the number of each type 
of atom is conserved. The coefficients and subscripts of the same chemical formula 
multiply. If there is no visible coefficient, the coefficient is 1. 


Balancing a Chemical Equation 
Many students first handle this problem by drawing out a chart to keep track of the 
atoms. As arule, the following steps will work, whether you use a chart or not. | will use a chart 


to help illustrate what is happening. For example, let’s balance the violent reaction of elemental 
sodium with water. (Check out the sodium/water reaction here: https://bit.ly/3dIsQEV.) 


__ Naw + __ H,0 => __ NaOH) + __ Hy @ 


Step 1: Count up the total number of each type of atom on each side of the arrow. 


Reactant Side Product Side 
Na H O Na H O 
1 2 1 1 3 1 
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Keep polyatomic ions as single units when possible. Ex. Ca(NO3), means you have two NO, 
units. 


Step 2: Balance the quantity of atoms (or polyatomic ions) on each side of the arrow by adding 
coefficients. Multiply the new coefficient and re-count the total quantity. For instance, to 
balance the H’s, we start by placing a coefficient in front of water and re-counting. 


__ Na (a) + 2 H,0 () = __ NaOH, + __ Hp 
Reactant Side Product Side 
Na H O Na H O 
1 42 2+ 1 3 1 


Now, to balance the O’s we place a coefficient of 2 in front of NaOH and re-count. 


__ Naw + 2 H,0 () — 2 NaOH a) + __ HH @ 
Reactant Side Product Side 
Na H O Na H O 
1 42 2+ 2+ 43 2+ 


Step 3: Continue adding coefficients until all species are balanced. 


2 Na + 2 H,0 () _ 2NaOH (4) + __ Hp & 
Reactant Side Product Side 
Na H O Na H O 
2+ 42 2+ 2+ 43 2+ 


Step 4: Check to make sure that all coefficients are in their lowest whole number ratio to one 
another by dividing by the lowest common denominator. 


Tips and Tricks for Success: 


e@ NEVER EVER EVER change any of the subscripts. Only write in coefficients! 
e If there is no coefficient before a formula, it means “1”. Writing in the “1” is optional. 
e Try to balance H second to last, and O last — if they are NOT part of a polyatomic ion. 
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e Keep practicing! The more you practice the faster you'll get at it. Check out this online 
practice: https://bit.ly/3fH4EOX. 


There is one “special case” where balancing the equation is treated a bit differently, but these 
will be discussed when we get to that reaction type. 


Reaction Types 
Chemists organize chemical reactions by the reactants and products that each type forms. 
a) SYNTHESIS/ADDITION: two or more substances react to form a single product. 
A + B — AB 
Examples: 6 Li+N,— 2 Li,;N C+0,— CO, PCI, + Cl, — PCI, 
b) DECOMPOSITION: a single reactant is broken down into two or more products. 
AB — A + B 
Examples: 2 NaCl — 2 Na + Cl, 2H,0,— 2H,0 +O, 2 NaClO,; — 2 NaCl +3 O, 
c) SINGLE-REPLACEMENT: atoms of an element replace the atoms of a second element in 


a compound; usually in an aqueous solution (aq). Metals replace metals. Nonmetals replace 
nonmetals. 


A + BX — AX +. B 


Examples: 3 Mg + 2 FeCl, — 3 MgCl, + 2 Fe Cla +2 Kl — 2 KCI +1, 


d) DOUBLE-REPLACEMENT: the exchange of positive ions between two compounds; 
usually between two compounds in aqueous solution resulting in the formation of two NEW 
compounds. 


AB + CD — AD + CB 


Examples: AgNO, + LiBr > AgBr + LiNO; 2 HCI + K,SO; > SO, +H,0 +2 KCI 
NaOH + NH,CIl —> NaCl + NH; +H,0 LiOH + HBr > H,0 + LiBr 
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e) COMBUSTION: an element or a compound reacts with oxygen (O,), often producing 
energy in the form of heat or light. 


Examples: 2Mg O,— 2 MgO CH,+ 2 O, — CO, +2H,O 


Special Case: Balancing Hydrocarbon Combustion Equations 


The term combustion is applied to any burning process that adds oxygen to an element 
or compound. Hydrocarbons are covalent compounds that contain, at a minimum, carbon and 
hydrogen, and often contain oxygen, nitrogen, halogens, and/or sulfur. In a complete 
hydrocarbon combustion, the reaction will a/ways produce carbon dioxide gas and water vapor. 
If there is insufficient oxygen, incomplete combustion results and produces either carbon or 
carbon monoxide as a product. (Carbon monoxide poisoning is the reason why house fires can 
be fatal.) 


Balancing this type of reaction can be tricky because when you count the total number 
of each type of atom, you frequently get an odd number on one side and an even number on 


the other side as you count. For example, if you follow the set of steps above and balance the C 
and H first (because O is last), you get: 


C,H, + Oo, — 2C0O, + 3H,O # O’s on left = 2 # O’s on right = 7 


You’re lacking O’s on the reactant side, so a coefficient is needed for the O, — but what? Use 3.5 
(since 2x 3.5=7): 


C,H, + 3.50, — 2CO, + 3H,O # O’s on left = 7 # O’s on right = 7 


... but, since we do not use fractions or decimals as coefficients, we must multiply ALL 
coefficients by the denominator (2 in this case) to cancel out the fraction: 


2C,H, + 70, — 4CO, + 6H,0 ... and now the equation is balanced. 


Not all combustion equations will need this “trick”, but it does come in handy! 
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4.02: Redox Concepts 


Learning Objectives: 


e@ (2.G) express and manipulate chemical quantities using scientific conventions and 
mathematical procedures 

e (3.B) communicate and apply scientific information extracted from various sources such 
as current events, published journal articles, and marketing materials 
(8.E) write and balance chemical equations using the law of conservation of mass; 
(8.F) differentiate among double replacement reactions, including acid-base reactions 
and precipitation reactions, and oxidation-reduction reactions such as synthesis, 
decomposition, single replacement, and combustion reactions 


Recall that there are five types of chemical reactions: synthesis, decomposition, single 
replacement, double replacement, and combustion. Many of these types involve the direct 
transfer of electrons from one reactant to another. These are called redox reactions, where 
“redox” means “reduction-oxidation”. In fact, you could also classify all chemical reactions as 
being either redox or not redox. Water can be involved in redox reactions because the water 
facilitates electron movement, or because it participates directly in the reaction. You may have 
heard of these reactions before. This lesson will cover the principles of redox; the next lesson 
will cover redox reactions in more detail. 


Assigning Oxidation Numbers 
To understand how redox reactions work, we first need to learn how to identify 

oxidation numbers. If changes in oxidation number occur during a chemical reaction it means 
that the reaction is classified as redox. Oxidation numbers are used as a “bookkeeping” tool to 
determine where the electrons are located in an ion, compound, or molecule. They do not have 
any actual scientific meaning. 
The rules for determining oxidation numbers are as follows: 

e The oxidation number of any uncombined element = 0. 


Examples: Na=0 cl, =0 P,=0 S, =0 


e@ The oxidation number of a monatomic ion equals the charge on the ion. 
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Examples: Cl =-1 O07 =-2 N* = -3 C*=+4 

The sum of the oxidation numbers in a compound/molecule is always equal to 0. 
Example: for CO,, the oxidation number of one C and two O’s added together = 0 

The sum of the oxidation numbers in a polyatomic ion must equal the charge on the ion. 


Examples: for NO;, the oxidation number of one N and three O’s added together = -1 
for NH,", the oxidation number of one N and four H’s added together = +1 


The more electronegative element is assigned the number equal to its charge if it were 
an ion. 


Example: for NO, O is more electronegative, so its oxidation number is -2 (since O is a 


|” 


Group 16 element and those ions all have a “normal” charge of -2). 
Example: for CN’, N is more electronegative, so its oxidation number is -3 (since N is a 
Group 15 element and those ions all have a “normal” charge of -3). 


The oxidation number of fluorine in a polyatomic ion or molecule is always -1. 


Oxygen has an oxidation number of -2, unless it is peroxide (O,”) where it is -1. (A 
peroxide is a Group 1A or 2A ionic compound where peroxide is the nonmetal anion.) 


Examples: Li,O is not a peroxide. The oxidation number of O in Li,O will be -2. 
CaO is not a peroxide. The oxidation number of O in CaO will be -2. 
Al,O, is not a peroxide. The oxidation number of O in Al,O, will be -2. 
CO, is not a peroxide. The oxidation number of O in CO, will be -2. 


Examples: Li,O, is a peroxide. The oxidation number of O in Li,O, will be -1. 
CaO, is a peroxide. The oxidation number of O in CaO, will be -1. 


Hydrogen has an oxidation state of +1 if it is a cation and -1 if it is an anion (hydride) (A 
hydride is an ionic compound where hydrogen is acting as the nonmetal.) 


Examples: for HCl, H would have an oxidation number of +1, because H is a cation. 
for H,SO,, H would have an oxidation number of +1, because H is a cation. 
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Examples: for LiH, H would have an oxidation number of -1, because H is an anion. 
for AIH3, H would have an oxidation number of -1, because H is an anion. 


@ Group 1A & 2A elements have an oxidation number equal to its charge (+1 or +2); so 
does aluminum (+3). 


Another Example: Assign all the oxidation numbers in the compound, calcium permanganate. 


Write the chemical formula first. Determine the oxidation numbers for elements on the left and 
right and then do algebra to determine the oxidation number for the element in the middle. 


Ca(Mn0O,), is a compound whose oxidation numbers all add up to 0. 
Ca is a Group 2A metal, so its oxidation number is +2. 
O is oxygen, and this compound is not a peroxide, so its oxidation number is -2. 
Mn is unknown. Do algebra, so x = the oxidation number of Mn. 
+2 + (x + (-2x4)) x2=0 
2+ 2(x-—8)=0 

2+2x-16=0,s0 x =+7; thus, the oxidation number of Mn in this compound = +7. 
In some cases, the oxidation number of an element in a compound or ion can be zero, ora 
fraction. It’s okay! (Sometimes different atoms of the same element in a compound can have 
different oxidation numbers.) 
Another Example: Assign all the oxidation numbers in the compound Fe;0,. 
Fe,0, is a compound whose oxidation numbers all add up to 0. 
O in a compound is always -2, and this is obviously not a peroxide. 
Fe is unknown. Set x = the oxidation number of Fe in Fe;O,. 


3x +(-2x4)=0 


3x —8 =0, sox = oxidation number of Fe = + 8/3. 
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Reduction and Oxidation 


Reduction is the complete or partial gain of electrons by a reactant. At first glance this 
term seems contradictory to its meaning; however, this chemical change is called “reduction” 
because the charge of the reactant reduces, i.e., its charge gets smaller. Here’s an example, the 
reduction of chlorine gas, where “e” stands for “electron”. The electrons are also reactants, so 
expect to see electrons on the left of the arrow: 


Cl, + 2e — 2¢cF 


or 


In the particle drawing above, each chlorine atom has gained one electron, which makes 
the radius larger (due to electron-electron repulsion). The chlorine gas, Cl,, is an element, so its 
oxidation number is 0. The oxidation number of the chloride ion, Cl, is -1. You need two 
electrons to oxidize the Cl, molecule because each chlorine atom in the Cl, molecule will gain 
one of those electrons. Since the oxidation number of chlorine reduced from 0 to -1, this is a 
reduction reaction. (When you decide on an oxidation number, record it per atom or ion, not all 
together. Don’t count the coefficient.) 


Oxidation is the complete or partial loss of electrons by a reactant. The charge of the 
reactant will increase since the reactant is losing negatively charged electrons. Here’s an 
example, the oxidation of sodium metal. The electron is a product, so it will be located on the 
right-hand side of the arrow. Sodium metal has an oxidation number of 0, and sodium ion has 
an oxidation number of +1. In the particle drawing below, the Na loses one electron, gaining a 
positive charge in the process. Its radius gets smaller since the effective nuclear charge 
increases. 


Na > ile + Na* 
or 
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Reduction and oxidation reactions often happen in conjunction with one another, 
meaning that one reactant will give up electrons (and get oxidized) while the other reactant will 
gain those electrons (and get reduced). Since reduction and oxidation make up two halves of a 
redox reaction, we refer to them as reduction or oxidation half-reactions. 


One easy way to tell which reactant is which, is to remember the acronyms LEO the lion 
says GER (loss-electrons-oxidation, gain-electrons-reduction) or OIL RIG (oxidation is loss, 
reduction is gain). Since they “help” each other undergo change, the oxidized reactant can be 
referred to as the reducing agent (since it helps the other reactant get reduced) and the 
reduced reactant is referred to as the oxidizing agent. Like travel agents, who help you travel 
but don’t actually travel, reducing agents and oxidizing agents help other reactants to become 
reduced or oxidized. Here is a summary: 


Redox Reaction Example: 2 Na) + Cl, @ — 2 NaCl \ 


Oxidation numbers: 0 0 +1 71 


Reduction half-reaction: Oxidation half-reaction: 
Cl,+2e—>2CI Na>1e+Na 


4.03: Reaction Prediction Concepts 


Learning Objectives: 


(2.H) organize, analyze, evaluate, make inferences, and predict trends from data; 
(2.1) communicate valid conclusions supported by the data through methods 
(3.B) communicate and apply scientific information extracted from various sources such 
as current events, published journal articles, and marketing materials 

e (7.B) write the chemical formulas of ionic compounds containing representative 
elements, transition metals and common polyatomic ions, covalent compounds, and 
acids and bases; 
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(8.E) write and balance chemical equations using the law of conservation of mass; 
(8.F) differentiate among double replacement reactions, including acid-base reactions 
and precipitation reactions, and oxidation-reduction reactions such as synthesis, 
decomposition, single replacement, and combustion reactions; 


Reaction prediction is the art of writing balanced chemical equations starting from only 
the reactants. In other words, we will give you a description of the reactants, and the 
conditions of the change, but we will not tell you the reaction type nor the products. You must 
be able to use patterns (which we will tell you about, in this lesson) to infer what the products 
will be. You must also be very familiar with your periodic table, the states at room temperature 
of the monatomic and diatomic elements, and the charges of elements on the periodic table. 
Also, knowledge of the “Common Polyatomic lons” list is extremely helpful. 


Since we taught you about redox, we will focus on the redox reaction types in this 
lesson: synthesis, decomposition, single replacement, and combustion reactions. Double 
replacement will be handled in separate lessons. 


Prerequisite Knowledge 


Let’s start with basic knowledge of elements on the periodic table. Most of the 
elements are monatomic and solid at room temperature (25 °C or 298 K). Here are some points 
to note: 


@ The “Seven Twins” are diatomic: H, gj, No (gy O2 (gy Fo ig) Clo (gy Brow, Io (3, Note their states. 


e@ The noble gases (Group 18A) are all, well, nonmetals and gases: He jg), Ne ig, Ar ig, etc. 


gy 


e Two elements are liquids at room temperature (25 °C or 298 K): Hg , and Br, (». 


e The “stairstep” line divides metals from nonmetals, and elements along the stairstep line are 
metalloids. The metalloids (all solid at room temperature, 25 °C or 298 K)) are: B, Si, Ge, As, 
Sb, Te, and At. 


e All elements under and to the left of the metalloids are metals and solid at room 
temperature (25 °C or 298 K) except for H, (,) (a gaseous nonmetal) and Hg , (a liquid metal). 
Everything else is a nonmetal. 
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You also must review the common charges of the elements and write IUPAC chemical formulas 
from scratch. We worked on these skills in the fall semester, but here’s some review. 


Predicting and Writing Synthesis and Decomposition Reactions 


Synthesis (otherwise known as addition) is a reaction type where two or more pure 
substances react to form a single product. The oxidation numbers for an element change as the 
chemical reaction proceeds from left to right. Decomposition is a single compound breaking 
down to form all elements, an element and a compound, or all compounds. 


Here are the most common patterns associated with synthesis reactions. Know that 
decomposition is the reverse of synthesis. Decomposition normally requires a very high heat, 
so we will reference a Bunsen burner, etc. 

You can also assume that all products will be solid unless the reactants are aqueous. If 
the reactants are aqueous (when mixed together) the products would also be aqueous. None of 
the reactants or products will have charges. 


1) A metal element combines with a nonmetal element to make a salt (ionic compound). 


Example: A piece of lithium metal is dropped into a container of nitrogen gas. 
Balanced Chemical Equation: 6 Li () + No (g) > 2 Li3N |) 


2) Two nonmetal elements combine to form one covalent compound. 


Example: Solid carbon burns in oxygen gas. 
Balanced Chemical Equation: C 1.) + Op (g) > CO) ¢g) 


3) A metal oxide combines with a nonmetal oxide to form one ionic compound. We often 
use the common nonmetal oxides carbon dioxide and sulfur dioxide. They are both gases. 


Example: Potassium oxide powder reacts with sulfur dioxide gas. 
Balanced Chemical Equation: K,0 (4) + SO) ig) > K,SOs () 


4) Two nonmetal oxides combine to form one covalent compound. (Treat metalloids as if 
they are nonmetals.) 
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Example: Carbon dioxide gas bubbles into water. 
Balanced Chemical Equation: CO) (g) + H2O (i) — HCO (aq) 


5) A metal chloride combines with oxygen to form a metal chlorate. 


Example: Sodium chloride combines with oxygen gas. 
Balanced Chemical Equation: 2 NaCl |) + 3 O; «) — 2 NaClO; 


The following two patterns are unique and presented here as decompositions: 
6) Water electrolyzes. Electricity passes through water, forming hydrogen and oxygen gas. 


Example: Water is electrolyzed. 
Balanced Chemical Equation: 2 H,0 1 > 2 Hy ig) + Orig) 


7) Hydrogen peroxide decomposes to form water and oxygen gas. A catalyst is usually 
required. This is an extremely exothermic reaction! 


Example: Hydrogen peroxide decomposes in the presence of a manganese dioxide catalyst. 
Balanced Chemical Equation: 2 H,0) (aq) > 2 H20 (y + Od ig) 


To help you conceptualize reaction prediction, here are two fully worked out examples. 
Another Example: Calcium oxide pellets react with carbon dioxide gas. 


First, write the chemical formulas for the two reactants. Realize that calcium oxide is a metal 
oxide, and carbon dioxide is a nonmetal oxide. This fits pattern c). 


Calcium has a charge of +2 and oxide is -2, so its formula is CaO. “Pellets” mean CaO is solid. 
Carbon dioxide is CO, (. Write an arrow after the two formulas. 


CaO (s) + co, (g) = 


Pattern c) shows that the two compounds combine together in a straightforward manner. Put 
the O’s at the end. All products are solid. 


CaO (s) + CO, (g) =>. CaCO, (s) 
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Balance the equation; however, you won’t have to do anything in this case. All coefficients are 
1. This is the answer! 


Another Example: Rubidium chlorate powder is heated over a strong Bunsen burner flame. 


First, write the chemical formula for rubidium chlorate. Rb has a charge of +1. Chlorate is a 
polyatomic ion and can be found on the polyatomic ions chart if you’re not sure of its formula. 


“Powder” means its state is solid. Then, realize that a “strong flame” is being mentioned and 
there is no other reactant. This reaction type must be decomposition, and fits pattern e) in 
reverse. Write an arrow after the formula. 


RbClO; (s) gerd 


Pattern 5) says we will form a metal chloride and oxygen gas. The metal is Rb, which has a +1 
charge. Chloride is -1, so the formula for the metal chloride is RbCI. All products are solid, but 
oxygen (see section C) is a gas. 


RbClO; (s) —_ RbCl (s) + O, (g) 


Balance the equation; then you’re finished! 


2 Rbclo, (s) —2 RbCl (s) +3 O, (g) 


Predicting and Writing Combustion Reactions 


We have seen some combustion reactions in the previous section. Combustion is an 
exothermic redox reaction involving the addition of oxygen gas. Any synthesis involving oxygen 
gas is also a combustion reaction. See the examples in pattern b) and e). 


We will focus here on the combustion of hydrocarbons. Hydrocarbons are organic 
compounds containing mostly carbon and hydrogen and sometimes oxygen or nitrogen. If 
there is a complete combustion — which you can assume — the only products will be carbon 
dioxide gas and water vapor. Since we have not covered formula writing for hydrocarbons, we 
will give you all hydrocarbon formulas. Balancing these equations will be a bit more 
challenging, but overall, this problem type is easy to predict. (We covered balancing these 
reactions back in Unit 1.) 
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Example: Liquid benzene, C;H,, burns in oxygen gas. 
Balanced Chemical Equation: 2 CeHe i + 15 O2 (g) > 12 CO) ig) + 6 HO jg) 


The Activity Series; Predicting and Writing Single Replacement Reactions 


The activity series is a list of elements that are presented in order from most “active” at 
the top to least “active” on the bottom. When we say “active” we mean “reactive”, or 
quick/liable to react easily and quickly with other elements. We use this activity series to help 
predict and write equations for single replacement reactions because it is based upon 
thousands of experiments and research. There is an activity series for metals and an activity 
series for nonmetals (halogens). 


e We will discuss the halogens first because their activity series is actually very 
ig.09g | intuitive. It is the Group 17A group’, and the most active nonmetals are at the top. 


Fluorine 


In other words, the most active halogen is fluorine, and the least active halogen is 


17 
Cl astatine. This is because fluorine has the highest electronegativity and the effective 
oo4sS | nuclear charge is very high (due to its small atomic size), so it attracts electrons easily. 


B, Astatine, the least active halogen, has the lowest electronegativity due to its large 
Ea atomic radius, shielding effect and low effective nuclear charge. 
Bromine 


53 
I 


126.904 

lodine 
85 Here is an example of a single replacement reaction that will occur: 
At 


A single replacement reaction involving two halogens will occur (i.e., you can write an 
equation for it) if the less active halogen can be replaced by a more active halogen. 


(210) 
Astatine 


2 Nal (aq) + F2ig) 


Reading from reactants to products, you should be able to see that fluorine is poised to 
replace the iodine in Nal, because fluorine is more active and at the top of Group 17. 


A single replacement reaction that will *not* occur is: 
2 NaCl (aq) + Br, (I) => 


This is because bromine, which is lower in Group 17A than chlorine, is less active. The bromine 
will not replace the chlorine. The Na’ will stay with chlorine because chlorine is more active. 


>© “Grade 8 Science Reference Materials.” STAAR Science Resources, 2019, 


tea.texas.gov/student.assessment/staar/science/. 
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ACTIVITY 
SERIES 


Metal 
Lithium 
Potassium 
Barium 
Calcium 
Sodium 
Magnesium 
Aluminum 
Manganese 
Zinc 
Chromium 
Iron 

Cobalt 
Nickel 

Tin 

Lead 
(Hydrogen) 
Copper 
Mercury 
Silver 
Platinum 


Gold 


Increasing Activi 


231 


Here is an activity series for metals. It works just like the one for 
halogens in that the metals closer to the top are more active than the 
metals closer to the bottom. If you take a good look at your periodic 
table, you should notice that Group 1 metals are at the very top 
(lithium, potassium), then Group 2 metals, then the transition metals 
from the left of the d-block to the right of the d-block. This goes in 
general order of chemical reactivity. 


Recall that Group 1A and Group 2A metals are the most reactive 
metals due to their low electronegativity and low first ionization 
energy. They will *not* tend to attract electrons and require little 
energy to release their 1 or 2 valence electrons. 


Here are examples of how this activity series works. 
Example: 


K (s) + Zn(NO3)9 (aq) =>. 2??? 


This reaction should occur because potassium is higher in the activity 
series and more active than zinc. Potassium will replace zinc. 


Example: Co, + NiCl) (aq) > ??? 


This reaction should occur because cobalt is a more active metal than nickel. Cobalt will replace 


nickel. 


Example: Ag (+ CaBry (ag) > ??? 


This reaction will *not* occur because silver is less active than calcium. It will not replace Ca in 


the compound CaBr,. 


To predict and write single replacement reaction equations, you will first need to 


determine if the reaction will occur. If it won’t, simply write “NR” (no reaction) - you are 


finished, and there is no answer to write down. If it does, replace the less active 


57 “Activity Series.” Archived STAAR Released Test Questions, 2019, 
tea.texas.gov/Student_Testing_and_Accountability/Testing/State_of_Texas_Assessments_of_Academic_Rea 
diness_(STAAR)/Archived_STAAR_Released_Test_Questions/. 
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metal/nonmetal with the more active metal/nonmetal, writing the formulas correctly to reflect 
their charge. 


The full, balanced chemical equation is also called a complete equation or a molecular 
equation. Aqueous ionic species dissociate in water to form ions, so we must also take these 
ions into account. Sometimes chemists are only interested in the species that are undergoing 
change, i.e., are having their oxidation numbers change. Any ions that don’t undergo change 
are called spectator ions, and balanced equations written without these spectator ions are 
called net ionic equations. This does not mean the spectator ions are absent! |t means the 
spectator ions are present but not participating in the reaction. 


Here are some examples and practice problems. Note that particle diagrams are coming 
back, since all ions in solution will be hydrated by water molecules. 


Example: Predict and write the balanced molecular equation and net ionic equation for the 
reaction between chlorine gas and aqueous sodium iodide. 


Cl, (g + Nall (a4) — (reaction will happen) 


aq) 


Cl. (g) + Nall (ag) > NaCl (ag) + Io (s) 


Balanced molecular equation: 


Cl, (g) + 2 Nall (aq) > 2 NaCl (aq) + la (s) 


Te wae ‘ : + : 

dissociate all aqueous species: Cl, ig) + 2 Na™ (aq) + 2 V (aq) > 2 Na™ (aq) + 2 CV (aq + Io (5) 
. . + - + - 

cancel out spectator ions: Cl, (g) + 2N@™ (aq) + 2 F (aq) > DNA (aq) + 2 CV (aq) + Le (5) 


Balanced net ionic equation: Cl, (.) + 20 (aq) > 2 CF (ag) + Ie (sy 
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Particle diagram (of products in beaker): Assuming there is no excess reactant — 


Note the position of water molecules around each ion, and the ratio of the cations to the 
anions. The coefficient of Cl was 2, so two Cl‘s are present. For every CI in solution there 
should be a Na’*. Na’ is the spectator ion, but it is in the beaker and should be shown. Since 
there are aqueous ions present, the solution (not the |, ,, but everything else) will be an 
electrolyte. 


Example: Predict and write the balanced molecular equation and net ionic equation for the 
reaction between potassium metal and aqueous aluminum nitrate. 


K (,) + AI(NO3)3 (aq) — (reaction will happen) 
K (.) + AI(NO3)3 (aq) — All (.) + KNO3 (aq) 
Balanced molecular equation: 3 K ,, + Al(NO3)3 (aq) > All (,) + 3 KNO3 (aq) 
dissociate all aqueous species: 3 K (+ Al™ (aq) + 3 NO3 (aq) > All is) + 3. K* (ag) + 3 NOS" (aq) 


H ‘ 3 . - 
cancel out spectator ions: 3 K (+ Al™ (aq) + SANG (aq) — All i) + 3 K* (aq) + SNES (aq) 
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H . H : 3+ + 
Balanced net ionic equation: 3 K (+ Al™ (44) — All i + 3K (aq) 


The particle diagram for this reaction would be like the one in the previous example. It would be 
fine, and more convenient, to have just one circle represent NO;, since it is a polyatomic ion. 
However, you would still have to show the hydration of NO; by water molecules, and three 
NO, ‘s to balance out the three hydrated K* ions. 


Before we leave single replacement reactions, there is one unique reaction pattern that 
is worth mentioning, and that is the reaction of an active metal with water. A metal ion will 
replace one hydrogen atom in the water molecule. The metal hydroxide will be soluble, so you 
must dissociate it to write the net ionic equation. We will call this pattern 8): 


8) An active metal mixed with water yields a metal hydroxide and hydrogen gas. 
Example: Sodium metal is added to pure distilled water in a beaker. 


Balanced Chemical Equation: 2 Na ,, + 2 H,O «) — 2 NaOH ,,,) + Hp (¢) 


Balanced Net lonic Chemical Equation: 2 Na |.) + 2 H,O () — 2 Na® (aq) + 2 OH (ag) + Ho (gy 


4.04: Solubility Rules and Double Replacement Reactions 


Learning Objectives: 


e (3.B) communicate and apply scientific information extracted from various sources such 
as current events, published journal articles, and marketing materials 

e (7.B) write the chemical formulas of ionic compounds containing representative 
elements, transition metals and common polyatomic ions, covalent compounds, and 
acids and bases; 
(8.E) write and balance chemical equations using the law of conservation of mass; 
(8.F) differentiate among double replacement reactions, including acid-base reactions 
and precipitation reactions, and oxidation-reduction reactions such as synthesis, 
decomposition, single replacement, and combustion reactions 
(10.A) describe the unique role of water in solutions in terms of polarity; 
(10.B) apply the general rules regarding solubility through investigations with aqueous 
solutions 
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The Solubility Rules 

The formula units of ionic compounds can be pulled apart by forming ion-dipole forces 
with the negative and positive poles of water molecules. However, not all ionic compounds are 
water-soluble. lonic compounds vary in their ability to dissolve in water. If a particular ionic 
compound is very soluble, we say that it has a high solubility in water. An “insoluble” ionic 
compound has a very low to little solubility in water. 

We use the solubility rules are used to determine which ionic compounds are water 
soluble and which are not. If the compounds are water-soluble, they will dissociate and form 
aqueous ions which enable the resulting solution to be electrolytic, i.e., conduct electricity well. 

You can write a dissociation equation which shows the dissociation of a soluble ionic 


compound into ions. Also, strong acids such as HCI, HI, H,SO,, HNO3, HClO; and HCIO, are 
soluble and strong electrolytes as well. 


SOLUBILITY RULES: Rule #1 takes priority over rules #2-6. 
1. All alkali metal (Group IA) and NH," (ammonium) salts are soluble. 
All Cl, Br, I salts are soluble, *except for Ag*, Hg,**, Pb*’ salts. (Hg,** is mercury (I) ion.) 
. AIl F salts are soluble, *except for Group IIA salts. 
. All NO, ClO, ClO,, and CH;COO’ / C,H,0, salts are soluble. 


. All SO,” salts are soluble, *except for Ca’*, Sr*’, Ba’’, Ag*, Hg,"”, Pb* salts. 


6. All CO;’, PO,?, C,0,7, CrO,*, OH’ salts and and all other salts are INSOLUBLE *except for 
hydroxide salts of Ca’*, Sr*?, Ba*’. 
B 


Particle diagrams for soluble and insoluble species in water will look quite different. Examine 
the examples below. The ratio of all ions must be correct; all aqueous species must be 
hydrated. 
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Soluble species: NaNOs3 (aq) Insoluble species: PbCl2(;) in water 
- There is a 1:1 ratio of Na* to NO3. - There is a 1:2 ratio of Pb** to CI. 
- The PbClz (s) is drawn at the bottom. 
- The Pb** and CI ions are drawn in a rigid 
crystal lattice structure, since it’s an ionic 
compound. 


Soluble species in water all form electrolytes. Just as the solute hits the water, ionic 
bonds break and liberate the ions so they can be hydrated by water. Free charges in water 
permit the flow of electric current. To represent this in an equation format, we write 
dissociation equations for them. Positive ions separate from negative ions. Indicate the 
number of cations and anions as coefficients in the products of the equation. Polyatomic ions 
remain polyatomic and do not separate into individual atoms in water. 


Here are two examples of what we mean: 
Example: Is sodium nitrate an electrolyte in solution? If so, write a dissociation equation for it. 
Sodium nitrate is NaNO3. All nitrates are soluble in water (Solubility Rule #4) so we can write a 
dissociation equation for it. Write NaNO, ,,,), then an arrow, then the cation and anion formula 
with their charges and (aq) state. 


Dissociation equation: NaNO3 (aq) > Na™ (aq + NO3 (aq) 


Do not — we repeat, do not! — separate NO, into N and 3 O’s. All polyatomic ions are held 
together by covalent bonds, which are extremely strong and resist the pull of water! 
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Example: Is iron (Ill) sulfate an electrolyte in solution? If so, write a dissociation equation for it. 


Iron (Ill) sulfate is Fe,(SO,)3. All sulfates are soluble in water (Solubility Rule #5). One formula 
units will separate into two Fe** ions and three SO,” ions. The 2 and the 3 are coefficients, not 
subscripts. 


Dissociation equation: Fe,(SOx)3 (aq) > 2 Fe”? (aq) + 3 SOx” (ag) 


This would be an incorrect dissociation equation: Fe,(SO,4)3 (aq) > Fe?’ (aq) + (SOa”)3 (aq). Putting 
the 2 and 3 as subscripts implies there is a chemical bond between the two Fe” ions, anda 
chemical bond between the three SO,” ions. Like charges repel — they don’t attract! 


Insoluble species cannot form ions, so they are nonelectrolytes, and you will not be 
writing any equations for them. Just leave it blank or write “no dissociation.” 


Precipitates and Spectator lons 


Precipitates are insoluble solids that emerge from an aqueous solution. These insoluble 
solids have very little or no solubility in water. The emergence of the insoluble solid from 
solution is called precipitation. 


Precipitates can form when two soluble salts react in solution to form one or more 
insoluble products in double replacement reactions. (Double replacement reactions can also 
form gas or form water, but we will not discuss these latter two subtypes until later.) Any ions 
that do not participate in the formation of precipitate are called spectator ions. 


Just like in the last lesson, spectator ions are present (not absent!) but do not participate 
in the formation of the precipitate. The spectator ions float in the aqueous solution, hydrated 
and separated from each other by water molecules, above the solid precipitate which sits at the 
bottom of the container. Here is a particle diagram which should help your understanding. It 
depicts a beaker after a precipitate forming double replacement reaction has occurred. If you 
had a beaker with a lead (II) chloride precipitate at the bottom and sodium and nitrate spectator 
ions in the aqueous solution above it, it would look something like this: 
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A system where all ions are spectators, i.e. there is no precipitate, would just consist of the 
hydrated spectator ions floating in the aqueous solution. 


There are two types of Double Replacement Reactions 


In the following sections we’ll discuss the two and explain the uniqueness of each type, how to 
predict and balance these types of reactions. 


Predicting and Writing Precipitation Reaction Equations 

Typically, these are double replacement/displacement reaction types that, if a reaction 
occurs, will form one solid precipitate. Just like in the last lesson, net ionic equations are used 
to show which chemical species are actively reacting and eliminates the spectator ions from the 


equation, since they don’t participate in the actual chemical change. 


Note, again, that the spectator ions don’t disappear from the system - we’re just not 
writing them in the equation. 


Next is an example of how these are done. 


Example: Predict and write the balanced equation for the reaction of potassium chloride and 
lead (II) nitrate solutions. 
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Step 1: Write the correct formulas of the reactants, along with their states. 
KCl (aq) + Pb(NO3)> (ag) > 


Step 2: Write the correct formulas of the products based on the charges of the ions. (Note the 
subscript change on Cl.) Resist all urges to “make the ions balance out” right now. 


KCl (aq) + Pb(NO3)> (aq) => KNO, + PbCl, 
Step 3: Balance the equation. This is where you will fix the number of atoms on each side. 
2 KCl (aq) + PE(NO3)> aq) — 2 KNO; + PbCl, 
Step 4: Consult the solubility rules and assign the correct state symbol to the products. This 
should agree with any observations concerning the formation of a precipitate which gets the 
symbol (s). 


2 KCl (aq) + Pb(NOs)> (aq) —2 KNO, (aq) + PbCl, (.) 


This is your balanced molecular equation, and forms the basis of the net ionic equation, which 
goes as follows: 


Step 5: Write the total ionic equation. All compounds that are aqueous (aq) break up into 
individual cations and anions. The precipitate (s) stays as is! Do not dissociate precipitate! 


2 K* fag) + 2 Cl (ag) + Pb** (ag) + 2 NOS tag) > 2 K*(aq) + 2 NO3 (ag) + PbCly(«) 


Step 6: Eliminate spectator ions from the total ionic equation. Spectator ions are in the same 
form on each side of the equation arrow. 


PK oa, + 2 Cl iaq) + PD? (aq) + 2NCz teay > 2K fea, + DNOZ egy + POCl:<) 
Step 7: Write the net ionic equation. The convention is to write the cation, first, followed by 
the anion on the “reactants” side. Don’t forget that chemical equations are written using the 
lowest common coefficients (including net ionic equations). \f allions cancel each other out 


then it is NR, and no precipitates will form. 


Pb**.4) +2 Cl (aq) —_ PbCl,,.) 
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Again — the spectator ions, K* and Clare hydrated and still present in the beaker, but they are 
not represented in the net ionic equation. 


Predicting and Writing Neutralization Reactions 


Neutralization is one of three reaction subtypes that all fit under the umbrella of double 
replacement reactions. You have already learned about the first reaction subtype, which was 
precipitate-forming double replacement. The second and third reaction subtypes involve gas 
formation and water formation. While neutralization does not always form a new gas, it always 
forms water. Water formation is the primary hallmark of an acid-base neutralization reaction. 


The other product in a neutralization reaction is a salt. A salt is a class of compounds 
formed when the hydrogen ion of an acid is partly or wholly replaced by a metal. Salts are 
always ionic compounds. Here is the classic example of a neutralization reaction: 


HCl (29) + NaOH (a) > NaCl (aq) + H,0 1 


Here is a neutralization reaction that produces both gas and water: 


NaOH (ag) + HC,H;0,, => NaC,H30 (a) + HO. 


aq) 


For complete neutralization to occur, every H* must combine with one OH to form one 
H,0 molecule. This water product is brand new water, *not* the water that the acid or base are 
dissolved in. However, the salt is almost always aqueous, and consists of spectator ions. 
Therefore, if the number of moles of reactants are equal, acid-base neutralization always has 
the net ionic equation. 


—? H,O (I) 


It is a misconception that acid-base neutralization always yields a pH of 7. The resulting 
pH is 7 only if the acid and base molecules form water, with no excess acid or base left over. If 
there is any excess unreacted acid (or base) left over, it dictates the resulting pH of the solution. 
Excess unreacted acid, for example, will make the pH after neutralization be under 7. It is more 
correct to say that pH after any neutralization will be closer to 7. 
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Let’s look at how to predict and write balanced neutralization equations. Unless you are 
otherwise told, you may assume that we mean molecular equations, and that there is no excess 
reactant left over. Both reactants will also be aqueous, so that all the ions are free to move in 
solution. We will also only be working with strong acids and bases in the problems that follow. 


Example: Write the balanced neutralization equation for the reaction between nitric acid and 
barium hydroxide. 


Step 1: Write the correct formulas for each reactant: HNO;/,4, and Ba(OH), (aq) 


Step 2: Break apart the reactants into ions and swap partners. 


+ - +2 - + - +2 - 
Haq) t NO3 (aq) = # Ba“ (agy OH (aq) = Hag) OH + Ba"(aq) + NO3, 


aq) aq) 


Now, recombine the reactants and products balancing the charges with subscripts. Note that all 
nitrates are soluble, that is why Ba(NO,), is aqueous. 


HNO3/q) + Ba(OH) (aq) => HOw + Ba(NOs), (aq) 
Step 3: Balance the equation using coefficients: 
2 HNO;,,4) + Ba(OH)»(2q) —> 2 H,0,, + Ba(NO3)9 (aq) 


